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7 the Seen lal 


> Tue cHEMISsT is essentially someone who wants to experiment. 


Put things 
together and see what will happen. Change conditions and note how matter 


reacts. Get hold of a new substance and put it through reactions to learn what 
it is and find out what it is good for. 


In the school curriculum stress is laid on routine experiments so that the 
chemistry student may learn how to perform typical laboratory operations. He 
acquires careful working habits, masters good laboratory techniques, practices 


the rules for safety, end learns to avoid "aceidente. With this equipment, he 
wants to branch out into more creative work. 


The bewildering richness of chemical possibilities offers the inexperienced 
chemist an enticing field for experiments on his own, but at the same time 
confuses him by its variety. How can he apply the few bits of craftsmanship he 


has learned? Where can he start to relate what he has learned in the classroom 
to the experiences of everyday life? 


The author of this collection, Burton L. Hawk, and the editors of CHEMistry 
believe that the hobby interests of young people are the strongest incentive to 
learn. In the series of articles by Mr. Hawk which have appeared monthly in 
Cuemistry for the past seven years under the title “For the Home Lab,” the 
student is shown how, with a modest outlay of money for real equipment, he 
can perform real experiments, make his own chemicals, do the actual work 
that chemists do in the real world. The directions are clear, the actent is on 
safety, the cultivat‘on of good laboratory procedures is stressed. 


Here are gathered together some of the directions for home lab experiments 
that have appeared earlier, and others never published before. They make a 
book which will guide the home lab hobbyist to new experiences with the 
world around him. He will learn not only to do the experiments spelled out 
here, but how to think chemically. He will be shown some of the steps by 
which he can use what he already has learned to go on to new preparations. 
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The Chemistry We Use 


> Few peopte realize the important 
role that chemistry plays in daily life. 
To the average man, chemistry is just 
one of those sciences pursued by men 
with test tubes and rubber aprons. To 
the average high-school student it is 
just a subject that must be taken. 


One of the purposes of this collec- 
tion is to show the vital importance of 
chemistry in the world in which we 
live—in the air we breathe—the water 
we drink—the food we eat—the 
clothes we wear. 


Consider first the “daily life” we 
mentioned above. You are probably 
awakened rudely each day by the 
ringing of the alarm clock. This clock 
contains metals and alloys refined 
through chemistry. It is painted with 
enamel perfected by the chemist. The 
luminous figures on the face are made 
possible through: chemistry. 


You get dressed in clothing which 
is all or part nylon or rayon and 
which is beautifully colored with coal- 
tar dyes—more discoveries of the 
chemist. 


You brush your teeth with a tooth 
brush of a plastic celluloid handle and 
plastic nylon bristles—the chemist’s 
handiwork. Even the toothpaste is the 
result of chemical research. You wash 
your face with refined soap, perfumed 
with chemical compounds. You comb 
your hair with a plastic comb. 


You eat breakfast—cereal fortified 
with synthetic vitamins—another 
triumph of chemistry—coffee pre- 
oared in aluminum (discovered by a 
chemist) or in Pyrex (product of the 
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chemistry lab). Your silverware is 
plated by a chemical process. 


You drive to work in a car which 
is the result of many chemical dis- 
coveries in plastics, metals, alloys, 
lubricants, etc. The gasoline it burns 
was created by the chemist. 


And so we could continue—the 
furniture in your home—the tele- 
vision—the newspaper—the fuel in 
your furnace—the light you read by 
—and on and on. All of these things 
are possible through chemistry. 


Do you not think it worth your 
while to learn a bit about this fasci- 
nating science? Since it contributes so 
much to the health and happiness of 
each one of us, it behooves us to know 
more about it. And in what better 
way can we learn than by actual ex- 
perimentation? Let us learn more 
about the air we breathe, the water 
we drink, the food we eat and the 


clothes we wear. 


Fortunately the science of chem- 
istry can be practiced at home with- 
out too much difficulty. Nor is it more 
expensive than other hobbies. And we 
believe you will find real joy in de- 
termining how the things about you 
are made and how the chemist can 
perform “miracles” with common 
substances. 


The ideal spot for the home labora- 
tory is a corner of the basement, pre- 
ferably under a window and with 
nearby access to running water. Gas 
is convenient but not a necessity. An 
alcohol lamp will supply sufficient 
heat for most experiments. 
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You will want to obtain or con- 
struct a sturdy workbench and shelves 
above it or close by. Keep in mind 
you will need adequate light and ade- 
quate ventilation. 

Now comes the problem of equip- 
ping your laboratory. In the larger 
cities, there are laboratory supply 
houses where you can purchase equip- 
ment and reagents. Or if this is not 
convenient, you can order apparatus 
and chemicals by mail. How well 
you can equip your laboratory will, 
of course, depend on your budget. We 
suggest you purchase the “basic” 
chemicals and apparatus at first and 
then keep adding to your collection 
from time to time. The apparatus you 
obtain should include about a dozen 
test tubes, several assorted sizes of 
flasks and beakers, a ringstand with 
rings and clamp, an alcohol burner 
(or Bunsen burner), several assorted 
sizes of porcelain evaporating dishes 
and crucibles, test tube holder, rubber 
stoppers and glass tubing, wire asbes- 
tos gauze, mortar and pest'e, rubber 
tubing, thistle tube, funnel and filter 
paper. You can add to this list as you 
progress with your experiments. 

It is difficult to specify which chem- 
icals should be purchased, as this will 
depend on the type of experimenting 
you prefer and how deeply you wish 
to delve into the mysteries of chem- 
istry. Of course you will always need 
the “fundamentals”—sulfuric, nitric, 
hydrochloric and acetic acids; the hy- 
droxides of sodium, potassium and 
ammonium. It is a good idea to list 
the chemicals you will require for a 
number of experiments in advance. 
Then, before you commence experi- 
menting, purchase all chemicals 
needed. This process can be repeated 
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from time to time and before you 
realize it, you will have a well-stocked 
laboratory and will be able to perform 
a wide variety of experiments. You 
need not purchase large quantities. 
Get in the habit of “small-sca'e” ex 
perimentation. One pound should be 
sufficient for the widely used chemi 
cals; one-quarter pound for the 
moderately used, and one ounce for 
all others. 

Now, you have secured a work 
bench, constructed shelves, obtained 
apparatus and a few chemicals, and 
you are ready to go. We would like 
to add one final word about safety. 
Contrary to popular opinion, experi 
menting is not dangerous—if you 
exercise normal common sense. You 
will be using caustics, explosive mix 
tures, poisons, and flammable com 
pounds. Naturally, you must hand!e 
these substances with care. If, when 
you saw a piece of wood, you place 
your thumb in the path of the saw, 
it obviously will be cut. So it is if you 
pour acid on your hands, you will be 
burned. If you will follow instruc 
tions carefully and above all, use com- 
mon sense—chemistry will be perfect 
ly safe. 

Let us proceed now to learn a little 
more of the world about us. It is our 
earnest desire that you will find many 
hours of pleasure from these pages— 
that you will find the experiments 
useful and interesting as well as en- 
tertaining—that you will find real in 
spiration—that you will want to pur 
sue more advanced studies of chem 
istry—and that some day, you too 
can be one of the research chemists 
who will help to make this world a 
finer place in which to live through 
chemistry. 
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CHAPTER I 


The World We Live In 


> “IN THE BEGINNING, God created 
he heavens and the earth.” And to- 
lay, man is still searching out the 
ntricacies of the earth we live on. Yet 
he has but scratched the surface of 
the superlative systematic secrets of 
creation. 

The scientist has discovered the fact 
that this world of ours is composed 
of some ninety-two substances, and 
everything on the terrestrial globe— 
animal or mineral—living or dead— 
is a combination of two or more of 
these substances. But he has gone still 
further and found that each one of 
these substances, elements, as he calls 
them—is made up of innumerable in- 
fnitesimal particles. These particles 
are known as atoms. Perhaps you've 
heard of them? Or, might we ask— 
are you tired of hearing of them? 

Splitting the atom, atomic energy, 
nuclear mass, fission, neutrons, pro- 
tons, electrons, deuterons, uranium, 
plutonium, etc. have all been brought 
before the public through the news- 
papers, periodicals, radio and theatre 
~all a result of the advent of the 
itomic bomb! But are they merely 
/hrases—scientific nomenclature—do 
hey mean anything to you? If some- 
me were to ask you to define clearly 
ust what an atom is, could you do it? 


First, let us use our imagination. 
suppose you have a small piece of 
ron and you were to cut this piece 
iron in half. And then you would 
ut one of these pieces in half again— 
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and suppose you were able to con- 
tinue cutting each piece again in half. 
Eventually you would reach a piece 
which you could not possibly cut! 
This, evidently, is the smal'est piece 
of iron that can exist—it is an ATOM 
of iron! Remember the atom is in- 
credibly small! No one has yet seen 
one. Its size? Roughly, let us say, it 
has a diameter of a hundred-millionth 
of an inch! Several million atoms 
could rest comfortably on a pin-point! 


But that is not all. The ever-curious 
screntist has probed even further. He 
has recently found that the atom it- 
self is composed of still smaller par- 
ticles! 

Now let us imagine the atom as a 
large balloon. Inside this balloon—in 
the center—we shall place a marble. 
This marble represents the weight of 
the atom. It is what the scientist calls 
the NUCLEUS, consisting primarily 
of neutrons and protons. Now we 
shall visualize a number of marbles 
suspended in the outer empty space 
of the balloon revolving around the 
central nucleus. These marbles are 
termed ELECTRONS. As compared 
to the nucleus, the electrons appear 
infinitesimal. Actually the mass of the 
neutrons and protons is 1840 times as 
great as the electron. Electrons spin 
around in several orbits at terrific 
speeds, making a complete revolution 
several thousand million million times 
per second. Indeed it is a miniature 
universe. 





The nucleus can be considered 
as the sun and the electrons as the 
planets. Let us pause a moment and 
consider this. In the ocean there are 
billions of drops of water. In each 
drop there are billions of atoms, and 
in each atom is a complete universe! 
Incredible? Unbelievable? Perhaps it 
is difficult for finite man to under- 
stand, but we must remember it is 
the work of the Infinite! 

Now what exists in the unoccupied 
space of our balloon—the space be- 
tween the revolving electrons and the 
central nucleus? Absolutely nothing 
—simply empty space! It is all the 
more incredible when we consider 
that most of the atom is composed of 
nothing—just vacuum! 

The question that arises now is 
what force or attraction holds the elec- 
trons in their orbits? Why don’t they 
simply shoot off into space? The elec- 
tron carries a negative charge of elec- 
tricity. The nucleus, on the other 
hand, carries a positive charge. You 
are no doubt familiar with the well- 
known fact that opposite charges of 
electricity attract—therein lies the 
answer to our question. 

As stated above, the nucleus has a 
positive charge, and is composed of 
positive particles of electricity—PRO- 
TONS—which correspond to the re- 
volving electrons. Now all atoms are 
electrically neutral, therefore the num- 
ber of positive charges (protons) must 


equal the number of negative charges 
(electrons). If there are six revolving 
electrons, there must be six protons 
in the nucleus. For example, an atom 
of the light gas, hydrogen, has one 
electron and one proton. An atom of 
iron has 26 electrons and 26 protons; 
whereas the metal uranium, heaviest 
of all substances, has 92 electrons and 
92 protons. 


But, again, that is not all. Scientists 
have probed still deeper into the atom 
and have discovered the existence of 
a third type of particle—the NEU 
TRON—which is electrically neutral; 
it carries no charge. The neutron is 
present in the nucleus of the atom 
along with the protons. In light ele 
ments the two are present in about 
equal numbers, but in heavier ele 
ments there are more neutrons than 
protons. 


Fundamentally, we now have a 
picture of the atom—a central core 
or nucleus consisting of protons (posi- 
tive) and neutrons (neutral)—the 
“sun,” around which revolve the elec- 
trons (negative)—the “planets.” A 
remarkable solar system! 


Thus you have a very brief glimpse 
into the atom—the building blocks of 
our universe. Now let us leave the 
world in general and pay more atten 
tion to those items about us which 
mean so much in daily life. Such as 
the air we breathe. . . . 


> FF -® 
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CHAPTER II 


The Air We Breathe 


> Tue air we breathe consists of a 
mixture of gases, chiefly oxygen and 
nitrogen. Nitrogen comprises 78% of 
the atmosphere and oxygen 21%. The 
other 1% is made up of carbon diox- 
ide, hydrogen, neon, argon, helium, 
krypton, and xenon. In addition there 
is water vapor, but the quantity varies 
greatly and we cannot establish a per- 
centage figure that would be constant. 


First, we shall investigate the com- 
position of air itself. Then we will 
study the individual components— 
oxygen and nitrogen. Following this, 
let us consider the two elements in 
their various combinations—the fas- 
cinating oxides of nitrogen. Finally, 
in a less serious vein, we can have 
some fun with carbon dioxide, an- 
other component of the atmosphere. 


EXPERIMENT 1 


Composition of Air 


> As sTATED previously, air consists 
of approximately 1/5 oxygen and 4/5 
nitrogen. We can perform a very in- 
teresting experiment to show that 1/5 
of the air is oxygen. 


Obtain a tall, thin bottle, such as 
an olive-bottle. Rinse out the bottle 
with water. Sprinkle a small quantity 
of iron filings into the bottle in such a 
way that the filings adhere to the 
bottom and sides. Now turn the 
bottle upside down and immerse in a 
pan filled with water, about one inch 
deep as shown in the accompanying 
diagram. Allow the apparatus to 
stand quietly for a day or two. 


At the end of this time, you may 
be surprised to see that some water 
has risen inside the inverted bottle. 
If you will observe more closely, you 


will note that the water occupies 
about 1/5 of the jar! 
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> DETERMINING percentage of oxygen 
in air. 


Now, what has happened? As you 
probably know, moist iron combines 
quite rapidly with the oxygen of the 
atmosphere to form the oxide which 
we know as rust. Thus, in our set-up, 
the iron filings combined with all of 
the available oxygen in the bottle. 
Since the bottle was filled with air 
and air is 1/5 oxygen, this means that 
the iron removed all of the oxygen 
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and the water crept into the jar to re- 
place it. Thus, by this simple experi- 
ment we have proved that air is 1/5 
oxygen. 


There is remaining in the jar most- 
ly nitrogen, with minute quantities of 
the inert gases. Slip a glass plate 
under the water and covering the 
mouth of the jar, remove it from the 
water and stand it right side up on 
the table. Light a match and, using a 
pliers, lower it carefully into the jar. 
It will be immediately extinguished 
as soon as it enters the jar. This is be- 
cause there is no oxygen remaining 
in the jar to support combustion. As 
we will see in Experiment 3, nitrogen 
will not support combustion. 


Let us now briefly consider the 
other gases of the atmosphere. In 1892 
Lord Rayleigh noticed that nitrogen 
obtained from the atmosphere always 
weighed heavier than an equal vol- 
ume of nitrogen prepared from chem- 
ical compounds. True, the difference 
in weight was extremely small and a 
less careful chemist would have prob- 
ably overlooked it. This is a good ex- 
ample of how important it is in sci- 
ence to pay strict attention to the 
smallest detail. 


Composition of 


Nitrogen 
Oxygen 
Argon 


There could be only one explana- 
tion of the variance in weight. The 
nitrogen of the atmosphere must have 
contained another gas mixed with it 
which was not present in the pure 
nitrogen obtained from compounds. 
In collaboration with Rayleigh, Sir 
William Ramsay finally succeeded in 
separating a new gas from the at- 
mosphere. Because of its inert prop- 
erties, it was christened argon, which 
means “the lazy one.” This separation 
was a remarkable achievement when 
we consider that argon is only pres-nt 


in the atmosphere to the extent of 
0.94%. 


In 1868, Janssen, by observing the 
spectrum of the sun, found a line 
which did not belong to the spectrum 
of any known elements on earth. It 
was assumed that this element was 
only present in the sun and it was 
christened helium (sun) by Lockyer. 


However, helium was discovered on 
the earth in 1894. It is present in the 
atmosphere in extremely small quan- 
tity—only 0.0003%. 


Other rare gases of the atmosphere 
—neon, krypton and xenon were dis- 
covered in rapid succession by Ramsey 


and Travers in 1898. 


the Air we Breathe 
—78% 
—21% 


— 0.94% 


Carbon Dioxide — 0.035% 


Hydrogen 
Neon 

Helium 
Krypton 
Xenon 

Water Vapor 


— 0.01% 

— 0.0012% 
— 0.0003% 
— 0.00005 % 
— 0.000006% 


—various percentages 
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EXPERIMENT 2 


Oxygen 


> ALTHOUGH oxygen comprises only 
21% of the air, it is by far the most 
active component. Of course, it is 
essential to life. It combines with most 
other substances at elevated tempera- 
tures, accompanied by flame. We call 
this procedure “combustion” and 
oxygen a “supporter of combustion.” 
Naturally, if a substance burns readi 
ly in air, you can imagine how much 
more rapidly it will burn in pure 
oxygen. This can be demonstrated in 
the home laboratory in an exciting 
display of pyrotechnics. 

It is rather difficult to obtain oxygen 
in a pure state from the atmosphere. 


Thus we will obtain it from com- 


pounds. Potassium chlorate, for in- 
stance, contains oxygen which is readi- 
ly released by heating: 2KCIO; > 
2KCI + 30s. If we should add man- 
ganese dioxide, the oxygen is liberated 
at a much lower temperature. The 
manganese dioxide, merely acts as a 
catalyst in this reaction and remains 
unchanged. In some manner, not 
clearly understood, it forces the potas- 
sium chlorate to release its oxygen 
faster. 

Mix together thoroughly and care- 
fully 5 grams of potassium chlorate 
with 2 grams of manganese dioxide. 
Mix the chemicals on a clean piece of 
paper with a spatula. Do not grind or 


> PREPARATION of oxygen. 
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crush! Transfer the mixture into a 
large dry test tube. Heat the tube 
gently and evenly. The gas is collected 
over water as shown in the accom- 
panying diagram. The test tube is 
fitted with a one-hole stopper and 
glass tubing. Rubber tubing is fitted 
to the glass tubing and extends to the 
jar of water inverted in a trough of 
water. As the oxygen is liberated, it 
bubbles through the water and pushes 
it out of the jar. Cover the jar with a 
wet glass plate and set it upright on 
the table. Collect as many bottles of 
oxygen as you can in this manner. 
When you are through, be sure to 
disconnect the rubber tubing before 
you remove the flame. This will pre- 
vent the water from being sucked 
back into the hot test tube. 

Obtain a splinter of wood. Ignite it, 
then extinguish the flame until only 
a spark is still glowing. Immerse the 
glowing splinter into a bottle of oxy- 
gen. It will burst into flame and will 
continue to burn vigorously. 


> Ir May suRpRISE the average man to 
know that the greatest part of the 
air he breathes is not oxygen—but 
nitrogen. We have grown so familiar 
with the oxygen-carbon dioxide cycle, 
that we are prone to forget nitrogen 
which actually comprises 78% of the 
atmosphere. 

We think of nitrogen in the air as a 
“useless” substance simply because it 
is inert. Actually, it is extremely im- 
portant. Its presence dilutes the oxy- 
gen and thus slows down the pro- 
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EXPERIMENT 3 


Nitrogen 





Ignite a tuft of stzel wool by hold- 
ing it in the alcohol lamp flame for a 
minute. Immerse the glowing wire 
into a bottle of oxygen. You will en- 
joy the sparkling display. 


Charcoal will burn brilliantly in 
oxygen. Insert a glowing piece into 
a bottle and observe for yourself. 


There are many other items that 
you can burn in oxygen with spec- 
tacular results. Magnesium metal 
burns with a blinding white light. 
Sulfur burns with a large blue flame. 
Phosphorus burns with a bright yel- 
low flame evolving large clouds of 
dense white smoke. In fact, any com- 
bustible substance will burn rapidly 
in pure oxygen. 


You can devise other tricks and ex- 
periments with oxygen. Try placing 
moist iron filings in a bottle and note 
how quickly they rust. Or you can 
place a fly or beetle in oxygen and sce 
how it reacts. You can even take a 
sniff yourself and see how you react! 





cess of oxidation. Without it, burning 
would be too rapid—decay and rust 
would run rampant—life would prob- 
ably be much shorter. 

Then there is the nitrogen cycle to 
consider. A special type of “nitrogen- 
fixing” bacteria which is present un- 
der the roots of leguminous plants 
(clover, peas, alfalfa, etc.) converts 
the free nitrogen of the air into nitro- 
gen compounds which the plants can 
use. Finally, when living things die, 
decomposition sets in and eventually 
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> CoLLECTING nitrogen over water. 


free nitrogen is restored again to the 
atmosphere. Thus the cycle repeats 
itself again and again, as it has since 
the dim beginnings of life and prob- 
ably will until the end of time. By 
this remarkable process of fixation and 
decomposition the ratio of nitrogen 
to oxygen remains constant. 

Nitrogen can be obtained from the 
atmosphere, but it is a rather difficult 
and cumbersome process for the home 
laboratory. Commercially, the air is 
liquefied and the nitrogen separated 
by fractional distillation. 

In the laboratory, nitrogen can be 
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obtained conveniently from its com- 
pounds. Ammonium nitrite, when 
heated, decomposes into pure nitro- 
gen and water: 
NH,NO2~> Ne + 2H20 

However, since ammonium nitrite 
is very unstable, there is some danger 
of explosion when it is heated. To 
avoid this danger, the ammonium ni- 
trite is simultaneously prepared and 
decomposed in aqueous solution. 

Mix together 5 grams of sodium 
nitrite with 4 grams of ammonium 
chloride in a large flask. Set up an ap- 
paratus designed to collect the gas 
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over water, as shown in the accom- 
panying diagram. Add about 30 cc. of 
water through the thistle tube and 
heat the flask gently. Allow the gas 
to bubble through the water in the 
trough a short time before collecting. 
When the bubbles form rapidly, place 
the rubber tube under the bottles in 
the trough and remove the flame from 
the flask. The nitrogen will displace 
the water in the inverted bott'es. If 
the action in the flask should become 
too violent, pour in more cold water. 

If the bubbles form too slowly, ap- 
ply heat again gently. Collect several 
bottles of the gas. Cover with a glass 
plate and remove the bottles 
the trough. 


from 


Now that you have gone to all the 
trouble of preparing nitrogen, about 
the only thing you can do with it is 
throw it away. As we pointed out be- 


fore, nitrogen is rather inert and re 
luctant to combine with other ele- 
ments at ordinary temperatures. It, of 
course, does not support combustion. 
Insert a burning splinter of wood into 
a jar of nitrogen. It will be extinguish- 
ed immediately. 

However, magnesium will continue 
to burn in ae to form the ni- 
tride, Mg;N Ignite a small strip of 
the metal nt insert in a jar of nitro- 
gen. 


Carefully remove the white residue, 
grind to a powder and add a few 
drops of water. Do you recognize the 
odor of ammonia? 


That’s about all we can do with 
nitrogen in the laboratory. Nothing 
spectacular about it,—but a mighty 
important element! 


EXPERIMENT 4 


Oxides of Nitrogen 


> To GIVE EXPRESSION to the private 
opinion of most chemistry students, 
the chief objection to the oxides of 
nitrogen is that there are too many 
of them. It is rather interesting to 
note that oxygen and nitrogen, which 
exist together in the elemental state 
under all atmospheric conditions, are 
capable of uniting with each other to 
form five different compounds. These 
compounds have somewhat unusual 
properties, and it will be worth our 
while to consider them in detail. 


Nitrous Oxide, N.O 


> BETTER KNOWN as “laughing gas” 
or “sweet air,” nitrous oxide is im- 
portant as a local anesthetic—it is the 
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“gas” the dentist uses during extrac- 
tion of teeth. When inhaled it pro- 
duces somewhat intoxicating effects 
similar to those produced by an over- 
indulgence in alcoholic beverages—so 
we have been told. 


In order to study the properties of 
the gas, set up an apparatus whereby 
you can collect several bottles of 
over water—preferably warm water 
—similar to the method used to col- 
lect oxygen. Use a flask as your gen- 
erator fitted with a two-hole stopper, 
thistle tube, and delivery tube. Cover 
the bottom of the flask with pieces of 
mossy zinc. Pour 10 cc. of con. nitric 
acid in 100 cc. of water and transfer 
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the mixture to the flask. If the reac- 
tion is too slow, heat until a steady 
stream of gas is given off and you are 
able to collect several bottles of it. 

One striking property of nitrous 
oxide is its ability to support combus- 
tion. Glowing splinters, steel wool, 
sulfur, etc. burn almost as brightly 
in nitrous oxide as in oxygen. You 
can demonstrate this property readily 
in the home laboratory. 


Nitrous oxide can also be obtained 
by heating ammonium nitrate; how- 
ever, this method is rather dangerous 
and we do not recommend it for the 
home chemist. Being of a tempera- 
mental nature, ammonium nitrate is 
not to be trusted. If heated too strong- 
ly or unevenly, it may explode viol- 
ently. 

In 1921 a terrific explosion com- 
pletely demolished a chemical plant 
in Germany devoted to the manufac- 
ture of ammonium nitrate. The fac- 
tory disappeared entirely, leaving an 
enormous cratér in the earth over 
fifty feet deep—grim evidence of the 
explosive potentiality of this com- 
pound! The Texas City disaster in 
1947 was also due to an ammonium 
nitrate explosion. 

Nitric Oxide, NO 

> PLacE A FRESH quantity of zinc in 
your generator flask, and this time 
add to it a mixture of 5 cc. con. 
nitric acid and 20 cc. of water. The 
action will be more vigorous than be- 
fore, and the flask will become filled 
with brown fumes. Wait until the 
brown fumes disappear, then collect 
a bottle or two of the gas, as before. 
Nitric oxide is colorless, but it readily 
reacts with oxygen to form the brown 
nitrogen dioxide, which explains why 


SUMMER 1953 


the brown fumes were observed at 
first in the flask. Remove the cover 
from one of your bottles of colorless 
nitric oxide; it will turn brown. Here 
is an opportunity for you to create a 
few “magic” experiments to fool your 
friends. You can show them a bottle 
of colorless “air” which will be color- 
ed brown merely by removing the 
stopper—or by blowing in the bottle, 
etc. 

One important reaction of nitric 
oxide is with ferrous sulfate. Allow 
the gas to bubble through a solution 
of ferrous sulfate for a few minutes 
and notice the color change. This 
reaction is the basis of the familiar 
“brown-ring” test for nitrates. The 
nitrate solution is mixed with ferrous 
sulfate solution and con. sulfuric acid 
is added. The sulfuric acid liberates 
nitric acid from the nitrate, and this 
in turn is reduced to nitric oxide: 
6FeSO, + 3H.SO, + 2HNO,; > 
3Fe.(SOy)3 + 2NO + 4H.O. The 
nitric oxide then forms the brown 
compound with ferrous sulfate 
(FeNO-SO,) which identifies the 
nitrate. 


Nitrogen Dioxide, NO. or 
Tetroxide, N.O, 
> WE HAVE ALREADY prepared nitro- 
gen dioxide by allowing nitric oxide 
to react with air. To prepare in quan- 
tity, add 5 cc. of con. nitric acid to 
zinc in a large flask. The action is 
quite vigorous and large clouds of 
red-brown gas are given off. (Cau- 
tion—poisonous! Do not inhale!). In- 
vert an empty flask above the genera- 
tor to catch the gas. When filled with 
the brown fumes, stopper it. 
Nitrogen dioxide is unique in that 
it changes color with the temperature. 


11 





At low temperatures it is a yellow 
liquid; as the temperature rises it 
changes to a colorless gas, then pale 
yellow, light brown, and finally dark 
red-brown. The yellow liquid has the 
formula N2O, and is a polymer of 
NOs. At normal temperatures, both 
forms exist as a mixture. 

You can observe the color changes 
of the gas by immersing the flask 
containing it in cold water. As the 
temperature drops, note the lighter 
color. By immersing the flask in warm 
water, the color darkens. 


Nitrogen Trioxide, N.O, 

> NirrocEN TRIOXIDE is formed temp- 
orarily when sulfuric acid is added 
to a nitrite, but under normal condi- 
tions decomposes rapidly into a mix- 
ture of NO. and NO. Prepare a solu- 
tion of sodium nitrite and add to it 
a small quantity of dilute sulfuric acid. 
Note the deep brown fumes of nitro- 


gen dioxide. 

If a mixture of the two gasses, NO» 
and NO, is cooled to around 3 deg. 
C., a blue liquid is formed which is 
probably NoO3. There has been some 
doubt as to the existence of nitrogen 
trioxide. Whether the blue liquid 
formed is actually a true compound, 
N2Os, or a mixture of two gases, NO2 
and NO, has not been fully deter- 
mined. 


Nitrogen Pentoxide, N,O; 

> THE ANHYDRIDE of nitric acid, NoO;, 
is a white crystalline solid. It is not 
important and is difficult to obtain 
in a pure state. It can be produced by 
dehydrating nitric acid with phos- 
phorus pentoxide. 

We hope these experiments have 
proven of value in acquainting you 
more intimately with the family of 
oxides of nitrogen—an interesting and 
versatile group to say the least! 


EXPERIMENT 5 


Carbon Dioxide 


> Consiverinc the adage that all work 
and no play is not good for anyone, 
we propose to present experiments 
this time to be performed primarily 
for pleasure. We feel that the average 
chemistry student is studying too 
hard; he should have a little relaxa- 
tion. We also realize that chemistry 
is a serious subject to be studied seri- 
ously, but fortunately, it does have 
its lighter moments. 

Now carbon dioxide is an amia- 
ble substance to use for our diver- 
sion. It is not poisonous, does not ex- 
plode, and has no odor; therefore it 
will not be necessary to drive the 
12 


rest of the family out of the house 
while we are experimenting. 

The formation of carbon dioxide 
is very easy. Simply exhale. That 
this COz is as good as any other CO» 
can be proven by blowing through a 
glass tube into a solution of lime 
water. A white precipitate of calcium 
carbonate will form. Or blow through 
a weak solution of sodium carbonate 
colored pink with phenolphthalein. 
It will turn white. Or better still, 
blow into a blue solution of litmus 
and it will turn red. Here is an op- 
portunity for you to show your friends 
how strong your breath is. But this 
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> DispLaceMENT of water 


method of obtaining carbon dioxide 
will become exhausting, so let us 
proceed from here by chemical means. 


Place a few teaspoonfuls of marble 
chips (technically, calcium carbonate) 
in a large flask and cover with water. 
Fit the flask with a stopper containing 
a delivery tube and thistle tube. Since 
carbon dioxide is heavier than air, 
you may prepare it by downward dis- 
placement of air. Or, if you prefer, it 
can be collected over water. Pour 
hydrochloric acid through the thistle 
tube and collect several bottles of the 
gas. It may be necessary to add more 
acid from time to time to insure an 
even flow of gas. 


Did you know that carbon dioxide 
supports combustion? Neither did 
we, because it doesn’t. But some ac- 
tive metals will continue to burn in 
it. To demonstrate, ignite a piece of 
magnesium ribbon and thrust it into 
a bottle of carbon dioxide. It will 
continue to burn and soot will be 
formed. Now as the laboratory 
manual would read: “Why? How? 


SUMMER 1953 


> DispLaceMENT of air 


Write the equation. Calculate the 
weight of magnesium required to 
completely reduce one liter of COs. 
Explain.” However, since we men- 
tioned before that this was to be a 
pleasurable experiment, you may ig- 
nore above questions. 


If you have ever had a chemistry 
set, you are probably familiar with 
the stunt of pouring carbon dioxide 
over a lighted candle. The flame will 
be extinguished, seemingly by hold- 
ing an ‘empty’ bottle over it. 

Place a dry container of COs, on 
the table. Remove the lid just before 
you are ready to perform the experi- 
ment. Now prepare a solution of 
blue litmus. Pour the blue solution 
into the jar of COs and shake. It will 
mysteriously turn red. This is most 
baffling to one not familiar with the 
deep complications of chemistry. Let 
your unsuspecting friend try the trick. 
Direct him to pour the blue solution 
into an empty bottle. He can shake 
all day, but it won’t turn red. Next 
you pour the solution into another 
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bottle (note: your bottle contains 
CO.) and the color changes. 


This trick requires much patience. 
First it is necessary to fill a small 
shallow pan completely with carbon 
dioxide. Connect a rubber hose to 
your generator leading to the bottom 
of the pan. Allow gas to flow into 
the pan for quite some time. Now, 
while gas is still flowing in, blow a 
few soap bubbles and direct them so 
that they float easily down into the 
pan. If sufficient gas is in the pan, the 
bubbles will float on top of it, danc- 
ing mysteriously in mid air. Why? 
How? Explain. Write the equation. 
Solid CO. 

Carbon dioxide is very easily liqui- 
hed. If this liquid, under pressure, is 
allowed to escape into a cloth bag, the 
evaporation and expansion cause ab- 
sorption of heat and part of the 


liquid solidifies. This solid CO. is 
widely used as a refrigerant under 
the name of Dry Ice. 


You can prove that dry ice is car- 
bon dioxide by placing a piece in a 
dry flask. Attach a delivery tube lead- 
ing into lime water. As the solid 
sublimes, the CO, will bubble through 
the lime water and turn it milky. 


Place a solid stopper in the flaskk— 
not too tightly—and see how long it 
will take the expanding gas to blow 
it out. 


The same stunts described for CO. 
gas can also be performed using solid 
CO,. However, do not pick up the 
ice with your bare hands; always use 
gloves or tongs. 

(Note: The above experiments are 
described solely for pleasure. Any in- 
formation received from them, new 
or old, is entirely coincidenta!.) 


- & Fe FF F 
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CHAPTER III 


The Water We Drink 


> WarTER is so commonplace that we 
usually give it very little thought. Yet 
t is a remarkable liquid composed of 
two gases — hydrogen and oxygen. 
We can prove this statement by the 
electrolysis of water — where the 
electric current splits the water into 
its separate components. We discussed 
oxygen in the previous chapter, so we 
will direct our attention now to the 


other component of water—hydrogen. 

Hydrogen and oxygen also com- 
bine to form another familiar com- 
pound — hydrogen peroxide. We will 
investigate its preparation and pro 
perties. 

And, finally we will consider water 
in one of its most important roles— 
as a solvent. 


EXPERIMENT 6 


Composition of Water 


> THERE ARE two general methods of 
acquiring knowledge: (1) by study- 
ing the opinions and findings of 
others; (2) by actual experience and 
personal observation. The latter meth- 
od is particularly applicable to the 
study of science. 

Let us consider the composition of 
water. We have read in chemistry 
textbooks that water consists of two 
parts hydrogen and one part oxygen. 
This is simply accepting the findings 
of others; let us actually prove this 
statement to our own satisfaction. 


Electrolysis of Water 


The best way to determine the 
omposition of a substance is to de- 
compose it into its component parts 
ind then identify each one. With 
water, we can accomplish this by elec- 
trolysis. 
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> Evectrowysis of water 


As water does not conduct the 
electric current, a small amount of 
sulfuric acid must be added to make 
a conducting solution. Set up an ap- 
paratus similar to the one shown. A 
shallow pan or trough is filled partly 
with the solution. Two test tubes or 
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narrow bottles are also filled and in- 
verted in the solution in the trough. 
Finally the electrodes from a source 
of direct current are inserted — one 
in each tube. Four dry cells should 
provide sufficient current for this 
demonstration. The electrodes should 
be of platinum, but if your supply of 
this metal is exhausted, strips of car- 
bon (pencil leads) will suffice. 

As electrolysis is begun, you will 
notice bubbles of gas arising from the 
electrodes which will gradually dis- 
place the water in the tubes. You will 
notice also that twice as much gas is 
obtained from the negative electrode 
as from the positive. If the textbooks 
are correct, this must be hydrogen. 


Finally, when all water is displaced, 
stopper the tubes quickly and then 
remove from the solution. Now we 
should have hydrogen in the nega- 
tive tube and oxygen in the positive. 
Invert the tube of hydrogen, remove 
the stopper, and hold over an open 
flame. A sharp explosion will confirm 
the identity of hydrogen. Remove the 
stopper from the oxygen tube and 
quickly insert a glowing splinter. The 
splinter will burst into flame thus 
proving the presence of oxygen. 

Therefore in reality we have proved 
that water consists of hydrogen and 
oxygen in the ration of 2 to 1. We 
have learned something through per- 
sonal observation and findings. Such 
is the purpose of experimenting. 


EXPERIMENT 7 


Hydrogen 


> Hyprocen is the lightest of all the 
elements. One liter of it at 0° weighs 
only 0.08987 gram. Because of its ex- 
treme lightness, we can pour it up- 
ward from one vessel to another. 
Although we prepared hydrogen in 
the preceding experiment from water, 
it is much more convenient in the 
home laboratory to obtain it from 
chemical compounds. Acids contain 
hydrogen and they can be persuaded 
to part with it readily. For example, 
hydrochloric acid will part with its 
hydrogen in a reaction with zinc. 
Zn + 2HC} > ZnCl, + He 
Place a few pieces of zinc metal in 
a flask and add dilute hydrochloric 
acid. The action is vigorous and hy- 
drogen is formed. Collect a test tube of 
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hydrogen by holding the empty tube 
upside down over the mouth of the 
flask. As long as you hold the test 
tube upside down the hydrogen will 
not escape. Put the mouth of the test 
tube to a small flame placed some 
distance away from the generating 
flask. A sharp report is heard as the 
hydrogen combines explosively with 
the oxygen of the air. The result of 
this explosion, strangely enough, is 
water. 


As you have just demonstrated, 
hydrogen mixed with air explodes 
when ignited. This means that you 
must use extreme caution when ex- 
perimenting with it. Keep all flames 
a safe distance away from the vessel 


generating hydrogen. 
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Pure hydrogen, however, burns 
quietly. Because you cannot be sure 
that hydrogen from a delivery tube of 
a generator is pure, the gas should 
never be ignited unless tests have 
shown that it is pure. Samples should 
be collected in test tubes, which are 
ignited away from the source. If the 
hydrogen burns quietly, you can be 
reasonably sure it is pure. For safety 
first, the hydrogen from the generator 
should only be ignited with a tube of 
burning hydrogen taken from the 
same generator. 

Synthetic Water 


> You can prepare water in the lab- 
oratory by the direct union of hydro- 
gen and oxygen. Set up a hydrogen 
generator as shown in the accompany- 
ing diagram. Place zinc metal in the 
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> SynTHEsIs of water 


flask. The calcium chloride drying 
tube is inserted in the flask. Pour 
dilute hydrochloric acid through the 
thistle tube. Hydrogen is generated. 
After you have made certain that the 
hydrogen is pure, ignite it at the end 
of the delivery tube. As an added 
precaution, wrap a towel around the 
flask before igniting to prevent in- 
jury by acid or flying glass in the 
event of an explosion. Now hold a 
piece of metal or a beaker filled with 
cold water in the flame. Water will 
condense and run off the surface of 
the metal. So, if there is a drought, 
you can now manufacture your own 
water. 


Hydrogen is an active reducing 
agent. It will reduce many metallic 
oxides to the pure metal. We will 
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demonstrate one such reduction in 
our discussion on cobalt (see experi- 
ment 35). 

Because of its light weight, hydro- 
gen has great lifting power. Thus it 
is used in filling balloons and dirig- 
ibles, although it is now being re- 
placed for this purpose by helium. 
The latter gas is also very light in 
weight and has the added advantage 
of being non-flammable. 

You can demonstrate the lifting 
power of hydrogen by filling a toy 
balloon with it. Blow the balloon up 
several times in order to make it 
stretch easier. Then slip it over the 
mouth of a flask in which hydrogen 
is being generated. When the balloon 
is full, remove it and tie quickly to a 


long string. It will drift to the ceiling 
and stay there. 

There are other methods of gen- 
erating hydrogen. The more active 
metals, such as sodium, potassium 
and calcium, will generate it from 
water: 


It is formed from alkalies as well 
as acids by action with aluminum: 


2Al + 6NaOH > 2NazAlO3 + 3H» 


Commercially hydrogen is used for 
welding in the oxygen-hydrogen 
torch, in metallurgy by reducing 
oxides of metals, for filling dirigibles, 
to harden liquid fats (such as coconut 
and cottonseed oil), and in the syn- 
thesis of wood alcohol and ammonia. 


EXPERIMENT 8 


Hydrogen Peroxide 


> Ler’s BEcoME better acquainted 
with an old friend — the familiar 
“peroxide” from the medicine cabinet. 
We’ve used it on cuts and sores, we’ve 
gargled with it for sore throat, and 
(horrors!) perhaps we’ve even bleach- 
ed our hair with it. 


The ordinary drug store variety 
contains only 3% hydrogen peroxide. 
The remaining 97% is printed on the 
label as an “inert ingredient”: in other 
words, water. The chemist uses a 30% 
solution. During World War II, the 
Germans had prepared an 80% hydro- 
gen peroxide which they reacted with 
sodium permanganate. The resultant 
mixture of steam and oxygen gener- 
ated was used to drive the fuel pumps 
of the V-2 rockets. In this country, 
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hydrogen peroxide of 95% purity has 
been produced. 

The chief asset of hydrogen per- 
oxide is its ability to oxidize readily. 
The higher concentrated variety is an 
exceedingly powerful oxidizing agent. 
It will ignite wooden splinters and 
fragments of cloth upon contact. Al- 
though it is fairly stable and will with- 
stand shock, a slight trace of an or- 
ganic compound will render it highly 
explosive. This does not seem at all 
similar to the medicine cabinet “per- 
oxide,” but it is the same compound, 
only more of it. 

Preparation 


Because it is inexpensive and easily 
obtainable, preparation of hydrogen 
peroxide for home use is not practical. 
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We include this instruction only for 
demonstration purposes. 

Hydrogen peroxide is obtained by 
the inter-action of an acid with a 
peroxide. Barium peroxide is usually 
used. Place a small quantity of it in 
an evaporating dish and mix into a 
smooth paste with cold water. Then 
add a cold dilute solution of sulfuric 
or phosphoric acid and stir. When 
all action ceases, filter off the barium 
sulfate or phosphate to obtain hydro- 
gen peroxide in the filtrate. 

BaOw + H»SO; > BaSO, + HO. 

Add a little of your hydrogen per- 
oxide to potassium permanganate so- 
lution. The red solution will 
colorless with effervescenc>. 


Oxygen 


turn 


Hydrogen peroxide decomposes 
into water and oxygen. The action is 
hastened by heat and light. This ex- 
plains why it is always sold in amber 
colored bottles and should be kept in 
a cool place. Sometimes acetanilid is 
added to commercial solutions in 
order to retard decomposition. 

Manganese dioxide will accelerate 
decomposition. To 5cc. of hydrogen 
peroxide (3% variety) in a large test 
tube, add a small quantity of finely 
powdered manganese dioxide. The 
reaction will be moderately vigorous 
as oxygen is evolved. You can test for 
the latter by inserting a glowing 
splinter into the tube. The concentra- 
tion of oxygen will cause the splinter 
to glow brighter or burst into flame. 
Oxidation 

Black to White. Hydrogen peroxide 
wi'l oxidize black lead sulfide to 
white lead sulfate: 

PbS + 4H2O. > PbSO, + 4HsO 
Prepare lead sulfide by mixing dilute 
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solutions of lead nitrate and sodium 
sulfide. Then add hydrogen peroxide 
to transform black to white. This re- 
action is utilized in the restoration of 
old oil paintings which have dark- 
ened due to action of sulfides on the 
lead pigments in the paint. 


White to Black. Hydrogen peroxide 
will oxidize white manganous hy- 
droxide to black manganese dioxide: 


Prepare manganous hydroxide by 
mixing dilute solutions of manganous 
sulfate and sodium hydroxide. Then 
add hydrogen peroxide to transform 
white to black. 

Light Blue to Dark Blue. Mix to- 
gether very dilute solutions of ferrous 
sulfate and potassium (or sodium) 
ferrocyanide to form a lovely light 
blue solution. The addition of hydro- 
gen peroxide will immediately change 
the color to dark blue. In this case 
the ferrous ion has been oxidized to 
ferric. 

Colorless to Brown. Hydrogen per- 
oxide will liberate iodine from iodides. 
Add a small quantity to a solution of 
potassium (or sodium) icdide. Im- 
mediately the colorless liquid turns 
brown as iodine is liberated and dis- 
solves in the iodide solution. 


Tests 

There are many tests available to 
determine the presence of hydrogen 
peroxide. We will present only a few 
of the better known. 

1. A pink solution of potassium 
permanganate is turned colorless by 
hydrogen peroxide. 

2. Add a few drops of sulfuric acid 
to a solution of potassium dichromate. 
Upon the addition of hydrogen per- 
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oxide, a bright blue compound is 
formed which gradually turns to 
green. The actual composition of this 
blue compound is uncertain; it is 
probably perchromic acid. 


3. Add a few drops of citric acid 
solution to a solution of ammonium 
molybdate. Hydrogen peroxide forms 
a yellow color with this mixture. 


Uses 
Industrially, hydrogen peroxide is 


used chiefly as a bleaching agent of 
such substances as hair, silk, straw, 
ivory, feathers, bone, gelatin, flour, 
etc. 

Chemically, as illustrated above, it 
is used as an oxidizing agent. 

Medically, it has long been used as 
a germicidal agent and antiseptic. We 
hesitate to betray an old friend, but 
we must report that recent bacteri- 
ological tests have questioned its ef- 
ficiency in this respect. 


EXPERIMENT 9 


Solutions and Solubilities 


> A HOMOGENEOUS mixture of two or 
more substances, in which the propor- 
tions of said substances usually can 
be varied only to certain limits, is 
known as a solution. In other words, 
if you stir a little salt in a glass of 
water it will dissolve. The salt is dis- 
tributed evenly throughout the water 
and, in general, its properties are ex- 
tended evenly to all portions of the 
solution. In other words, the water is 
salty. 


Now only a limited quantity of a 
substance will dissolve in a solvent. 
When all the substance that will dis- 
solve has been added, we have what is 
known as a saturated solution. But 
there are some substances which will 
overdo their dissolving capacities. 
Under certain conditions more than 
the limited quantity will dissolve, and 
we then have a super-saturated solu- 
tion. Like an over-inflated balloon, 
the continued existence of a super- 
saturated solution as such is rather 
uncertain. As a slight strain will cause 
the balloon to burst, so a slight dis- 
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turbance will cause the substance in 
a supersaturated solution to separate 
out. 

Supersaturation makes an interest- 
ing demonstration. A supersaturated 


solution in a large beaker is standing 
on the table. From all appearances, it 
is a beaker of water. Then a small 
crystal is dropped in the solution, or 
it is touched with a stirring rod. Sud- 
denly a large quantity of crystals 


separates out of the solution with 
amazing speed and soon the liquid 
turns mysteriously to a solid. 


To prepare your supersaturated 
solution; use sodium thiosulfate, or 
photographer’s hypo. For every 10 cc. 
of hypo, add only 2 or 3 drops of 
water. Heat gently until a clear liquid 
is formed. Then cover the container 
loosely and allow to cool. Be careful 
not to shake or jar the container. If 
crystals are formed, try again using a 
few additional drops of water. If de- 
sired, the solution may be cooled by 
immersing the container in cold 
water. 
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Gases Dissolve 


Gases, as well as solids, are soluble 
in water, One striking example is 
that of ammonia gas. Under normal 
conditions, one volume of water will 
dissolve about 700 volumes of am- 
monia. The amazing solubility can 
be demonstrated in a fascinating ex- 
periment. 


First the ammonia is prepared by 
pouring ammonium hydroxide on 
solid sodium or potassium hydroxide 
in a flask and applying gentle heat. 
Fill a large Florence flask with the 
gas by inverting it over the generator 
flask. The ammonia will rise into the 
empty flask, as it is lighter than air. 
Of course, it will not be necessary to 
warn you to keep the gas away from 
your eyes. When you feel that the 
flask is filled with ammonia, remove 
it and, keeping in inverted position, 
insert a one-hole stopper containing 
a length of glass tubing. Immerse the 
other end of the tubing in a beaker of 
water colored with red litmus. (see 
diagram) Gradually, the water will 
be drawn up the tube and when it 
reaches the top, it will spurt forth 
forming a spectacular fountain. The 


> For THE AMMONIA fountain, the 
tubing should extend about two-thirds 
the way down beneath the surface of 
the liquid in the beaker. Be sure you 
have enough liquid in the beaker to 
be able to fill the flask at least one- 
half full. 


red solution will be colored blue by 
the alkaline reaction of the ammon- 
ium hydroxide. 
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CHAPTER IV 


The Food We Eat 


> Or ari the remarkable discoveries 
made in the field of science, no scien- 
tist has ever found a substitute for 
the good old-fashioned Sunday dinner 
of roast beef, mashed potatoes and 
gravy. There are occasional rumors 
that some day we shall have pills to 
take which will eliminate the neces- 
sity of eating food. Well, we certainly 
are not anxious to see this come 
because eating is one 


about, 
thing we have 
no desire to do without. 

In America we are blessed with a 


wide variety of abundant foods. But 
most of these foods can be classified in- 
to four groups: sugars, starches, pro- 
teins and fats. Actually the sugars and 
starches could be included as one 
group under “carbohydrates.” We 
will discuss them separately here. 
Then we will investigate the very 
vital milk and its products. We will 
extract lecithin from eggs. And finally 
we will consider briefly flavorings— 
not foods in themselves, but neverthe- 
less an important part in making the 
food we eat more enjoyable. 


EXPERIMENT 10 


Sugars 


> We vsep to think that sugar was 
the white crystalline substance we 
purchased from the grocery store to 
sweeten our foods and that was all 
there was to it. But that was before 
we studied chemistry. Now we find 
the simple is complex—and that the 
sugar we knew was only one sugar in 
a group of dozens of sugars. 

For example, we have the monosac- 
charides, which are further divided 
into eight sub-groups, named accord- 
ing to the number of oxygen atoms in 
their molecules: trioses, tetroses, 
pentoses, hexoses, heptoses, otoses, 
nonoses, and decoses. 

Secondly, we have the disaccharides, 
which include the following: sucrose, 
maltose, lactose, cellobiose, gentio- 
biose, and melibiose. 
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Third, 
rafinos>. 

Finally, the polysaccharides, known 
also as “starches,” and including 
starch, inulin, glycogen, dextrins, 
hemicellu!oses, and cellulose. 

We will first investigate a sugar 
from the group of monosaccharides, 
and the sub-group hexoses, known as 
glucose. Perhaps you have heard of 
it. It is also known as d-glucose, grape 
sugar, and dextrose (CgH120¢). It is 
found widely in nature in honey, sap, 
leaves, flowers and fruits. Ripe grapes 
contain 20 to 30 per cent of glucose 
(hence the name “grape-sugar”’). 

It is prepared commercially by the 
hydrolysis of starch. We will demon- 
strate this process in the following 
experiment on starch. If the hydrol- 


the trisaccharides, such as 
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ysis is not carried out to completion, 
we obtain a mixture of glucose, mal- 
tose and dextrins. This tasty con- 
coction is known as “corn syrup.” 

Glucose is a reducing agent. It will 
reduce Fehling’s Solution and Bene- 
dict’s Solution to form cuprous oxide. 
You can easily demonstrate this by 
adding the test solutions (as described 
in the next experiment) to an aqueous 
solution of glucose. 

This reducing action makes a good 
test for glucose. For example, let us 
test for glucose in corn syrup. Simp'y 
dilute the corn syrup (such as “Karo” ) 
with an equal quantity of water, and 
add the test solution, (Fehling’s Solu- 
tion or Benedict’s Solution). 

Glucose will 


reduce ammoniacal 


silver nitrate to form a silver mirror 
on the walls of a test tube. Prepare a 
solution of silver nitrate and add a 
few cc. of ammonium hydroxide. Be 


sure to add enough ammonium hy- 
droxide to disso've the precipitate that 
forms at first. Then add a moderately 
strong solution of glucose. If no re- 
action is apparent, heat gently. A 
black precipitate will form, but you 
will be able to observe the thin film 
of metallic silver on the walls of the 
tube. 

If glucose is boiled with concen- 
trated sodium hydroxide, a dark yel- 
low color with a caramel-like odor is 
obtained, (‘“Moore’s test”). A number 
of complex compounds are formed in 
this reaction through decomposition 
ind condensation. 

Now let us consider a disaccharide 
— common cane sugar, 
ucrose, Cy2H220}}. 

Sucrose occurs widely in sugar 
ane, sugar beets, coffee, almonds, 
yineapples, flowers, honey, etc. It is 


known as 
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sweeter than all other sugars, with 
the exception of fructose. 

Sucrose is not a reducing sugar, 
hence it has no effect on Fehling’s 
Solution, Benedict’s Solution, am- 
moniacal silver nitrate, etc. However, 
sucrose is hydrolyzed by boiling with 
dilute acid, forming glucose and 
fructose. Thus if you heat sugar 
solution with a few cc. of dilute 
hydrochloric acid and apply the test, 
the presence of glucose can be verified. 

Heat gently in an evaporating dish 
a few grams of sugar, just above its 
melting point for a short time and 
allow to cool. This light brown, trans- 
parent mass is known as barley sugar. 
If you apply additional heat (to 210°), 
it loses water and forms a brown 
mixture which we know as caramel. 
It is widely used as a coloring agent 
in foods and beverages. If you apply 
still more heat, a variety of gases are 
formed and a residue of carbon re- 
mains. You may be surprised to know 
that among these gaseous decom- 
position products are carbon mon- 
oxide, carbon dioxide, acetylene, 
ethylene, methane, acetone, acetic 
acid, formic acrolein 
ethanal! 

An interesting effect is obtained by 
warming sugar with concentrated 
sulfuric acid. The sugar is charred, a 
number of gases are evolved, and the 
residue of carbon remains as a very 
voluminous mass. 

You are all so familiar with the 
uses of sugar, we should not have to 
elaborate on them. Suffice it to say, it 
is a very welcome addition to 
food! 

Another disaccharide — Jactose, 
will be discussed in Experiment 12, 
when we consider milk. 


acid, and 


our 
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EXPERIMENT 11 


Starch 


> As anyone who has ever been on a 
reducing diet will verify, starch is 
present in a large variety of foods. It 
is found as a reserve material in 
many different plants. Thus we find 
it abundantly in tubers, roots, nuts, 
grains, potatoes, chestnuts, and acorns. 
So, if you are trying to lose weight, 
avoid eating roots, potatoes, grains, 
chestnuts and acorns. 

For commercial use, starch is usual- 
ly made from Indian corn (maize) 
which contains 55% starch. The corn 
is softened in warm water, then is 
passed through a mill to break it up. 
Next it is forced through a germ sep- 
arator. The remaining semi-fluid mass 
is then ground and passed through 
sieves. The starch and gluten suspen- 
sion which passes through is allowed 
to settle in troughs, where the lighter 
gluten rises to the top and can be 
drawn off. Finally, the starch remain- 


ing is washed and dried. 
Preparation 


You can prepare starch in the home 
laboratory more easily from potatoes 
than from corn. 

First peel the potato, which is the 
most difficult part of the procedure. 
Next, using a grater, grate the potato 
to a fine pulp. Mix the pulp thorough- 
ly with water and filter through 
cheese-cloth. The filtered mixture con- 
sists primarily of starch suspended in 
water. Allow the starch to settle, care- 
fully pour off the water, spread out on 
a glass plate and allow to dry. 

For the following experiments, a 
colloidal starch solution is required. 
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Prepare it by mixing 2 grams of 
starch, either that prepared above or 
regular corn starch, with about 25cc. 
of water in a mortar. Grind with the 
pestle until a smooth suspension is 
obtained—free from lumps. Next pour 
this mixture slowly, with stirring, into 
235 cc. of boiling water. After all is 
added, stir for a few minutes, then 
allow the solution to cool thoroughly. 


Test 


Of course, no discussion on starch 
is complete without the famous iodine 
test. So just to prove to our own sat- 
isfaction that the potato contains 
starch, we will perform the test. 


Dissolve a few crystals of iodine in 
10 cc. of potassium iodide solution 
Add a few drops of this mixture to a 
portion of the starch solution. Immed- 
iately a dark blue color is formed, in- 
dicating the presence of starch. This 
is a very delicate test, as can be dem- 
onstrated by allowing just a drop or 
two of starch solution to fall into a 
large beaker containing about 500 cc. 
of water. Add a drop of iodine solu- 
tion, and observe if the blue color is 
formed. 


Hydrolysis 
Starch is Aydrolzed to glucose by 


mineral acids, or to maltose by the 
enzyme, diastase. 


Add 3 or 4 drops of hydrochloric 
acid to 25 cc. of starch solution. Heat 
gently for fifteen or twenty minutes, 
preferably in a water bath. Allow the 
solution to cool, then neutralize with 
dilute sodium hydroxide solution. 
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Separate the neutral solution into two 
parts. To one, add a few drops of 
iodine solution. The blue color is not 
formed, indicating starch is no longer 
present. To the other, add equal 
parts of Fehling’s Solution, No. 1 and 
2, or a small quantity of Benedict’s 
Solution (see below). Heat to boiling, 
then let stand. The Fehling’s Solution 
will be reduced and a yellowish-red 
precipitate of cuprous oxide formed. 
This test indicates the presence of 
a sugar which in this instance is glu- 
cose. 

As soon as starchy foods are placed 
in the mouth, partial digestion is be- 
gun by the saliva. Digestion in this 
case consists of converting the starch 
into sugars which the body can use. 

Coliect 1 cc. of saliva in a test tube, 
and mix it thoroughly with 25 cc. of 
starch solution. Bring the solution to 
a temperature of 40° and maintain it 
for fifteen minutes. Then test with 
Fehling’s or Benedict’s Solution. The 
yellowish-brown precipitate will show 
that the enzymes present in the saliva 


have already converted part of the 
starch into sugar. 


Sugar Test Solutions 
Fehling’s Solution No. 1—Dissolve 
1.5 g. copper sulfate in 50 cc. water. 
Fehling’s Solution No. 2—Dissolve 
8.5 g. sodium potassium tartrate 
(Rochelle salt) in 10 cc. warm water. 
Add a solution of 2.5 g. sodium hy- 


droxide in 10 cc. water. Finally dilute 
the mixture with 30 cc. water. 


Keep the two solutions separate 
until ready for use. Then mix togeth- 
er equal quantities of each and add to 
the solution to be tested. 

Benedict's Solution—Dissolve 10 g. 
of sodium citrate and 6 g. of an- 
hydrous sodium carbonate in 50 cc. 
of hot water. Add slowly, stirring con- 
stantly, a solution of | g. copper sul- 
fate in 10 cc. water. The resultant sol- 
ution should be perfectly clear. If it is 
not, then filter. 

Benedict’s Solution is used as is. No 
mixing is necessary, and it will not 
deteriorate on standing. 


EXPERIMENT 12 


Milk Products 


> From our childhood we remember 
that milk was practically the most im- 
portant thing that ever existed. It 
built strong bones, it made us grow, 
it helped to prevent disease and kept 
us healthy. The sad part of the story 
was that we hated the stuff! It could 
never compete with lemonade or 
Coca-Cola. 

Nevertheless, chemically speaking as 
well as biologically, milk is a remark- 
able liquid. It can be considered as a 
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solution, an emulsion, and colloidal 
suspension all in one. It is composed 
primarily of three parts: 

1. Water. Approximately 87 per 
cent of milk is water. 

2. Butterfat. The fat in milk varies, 
but is usually somewhere around 34 
per cent. It occurs in extremely tiny 
droplets which eventually come to the 
top of the liquid to form the familiar 
cream. When this substance is churned 
the droplets run together forming a 
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solid mass which we know as butter. 
The fat in milk is composed of a mix- 
ture of the glycerides of the following 
fatty acids: butyric, caproic, caprylic, 
capric, lauric, myristic, palmitic, 
stearic and oleic. 

3. Solids Non-Fat. After the fat or 
cream is removed from milk, we have 
remaining a liquid (skim-milk) con- 
taining the so-called “Milk Solids 
Non-Fat.” These are further divided 
into three groups: 


(a) Proteins. The proteins of milk 
occur in colloidal suspension and in- 
clude chiefly casein and albumin, or 
more technically, /actalbumin. Traces 
of other proteins such as lactoglobulin 
and fibrin are also found. 

(b) Mineral Matter. When the resi- 
due of dried milk is burned, a white 
powder or “ash” remains. This ash 
represents the mineral content of the 
milk and is known to contain the fol- 
lowing: potassium, sodium, calcium, 
magnesium, chlorine, sulfur and phos- 
phorus. In addition, traces of iron, 
copper, zinc, aluminum, manganese, 
iodine, silicon, boron, titanium, vana- 
dium, rubidium, lithium, and stron- 
tium have been found. 


(c) Milk Sugar or Lactose. 


Properties of Lactose 


Lactose is found only in milk. It has 
the same chemical formula as sucrose 
(cane sugar ), CygH220;1, but is differ- 
ent in molecular construction. It is not 
nearly so sweet as sucrose; nor is it 
fermented by yeast. It is a white, crys- 
talline powder soluble in water and 
slightly soluble in alcohol. On hy- 
drolysis, it forms glucose and galac- 
tose. 
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Preparation of Lactose 

First, prepare some sour milk by 
adding a few drops of dilute acetic 
acid to 100 cc. of warm skim milk 
(milk from which cream has been re- 
moved). Allow to stand for 30 min- 
utes to an hour. The milk will sepa- 
rate into solid masses (curds) and a 
watery liquid (whey) — Little Miss 
Muffet’s favorite dish. 

Filter off the curds; neutralize the 
whey with calcium carbonate (precipi- 
tated chalk) and heat the neutral solu- 
tion to boiling. At this point, the lac- 
talbumin will separate out. Filter again 
to remove the albumin and excess cal- 
cium carbonate. The filtrate contains 
lactose and some mineral salts in solu- 
tion. Heat until the solution is reduced 
by half. Then add an‘equal quantity 
of alcohol. Stir the liquid thoroughly 
and filter again. Finally place in an 
evaporating dish in a warm place. The 
lactose will crystallize out. Filter the 
crystals and wash with alcoho!. 


Detection of Lactose 


Lactose reduces Fehling’s Solution 
forming a yellowish-red precipitate of 
cuprous oxide. 

Dissolve a few crystals of lactose in 
5 cc. of water. Add this to 10 cc. of 
Benedict’s Solution or to 10 cc. of a 
mixed Fehling’s Solution. The solu- 
tion will gradually turn green, then 
yellow, and finally reddish brown. 


Casein 

With the memory of wartime food 
shortages still vivid in our minds, it 
is difficult to realize that less than a 
generation ago, America was suffer- 
ing from the plague of too much food! 
And this may soon be true again. 
Foremost of these problems was the 
surplus milk situation. Cows had to 
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be milked and farmers had to sell the 
milk to profit; but, the amount of milk 
that could be consumed was limited. 
Too much milk! The farmer was un- 
happy because he was unable to make 
enough on his milk to cover the cost 
of feed. The creamery operator was 
unhappy because he had to operate at 
a loss; his employees were unhappy 
because they were underpaid. 

What to do with all the milk? Too 
much was being produced for human 
consumption. There was only one an- 
swer. Find some other use for milk! 
Why couldn’t it be used for industrial 
purposes as well as food? 


Casein Products 


Here the chemist entered the pic- 
ture. It was well known to him that 
when milk sours, a heavy precipitate 
settles out. And he also knew that this 
precipitate consisted chiefly of a pro- 
tein called casein. Berzelius first iso- 
lated it in 1812. In the manufacture of 
condensed whey for animal feed, the 
creamery operator considered casein a 
nuisance and the greatest problem was 
how to dispose of it. 


Perhaps this protein could be used 
for something! The chemist went to 
work, and out of his test tubes, flasks 
and retorts came miraculous sub- 
stances made from casein. What can 
it be used for? Let’s investigate. 

As an adhesive: Powdered casein is 
mixed with water glass (sodium sili- 
cate solution). A very strong cement 
is formed. 

As a cement: The casein is mixed 
with twice its bulk of slaked lime 
and finely powdered sand. Water is 
added to desired consistency. The 
result is a tough cement which will 
stand moderate heat. Another cement 
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for glass can be made by dissolving 
powdered casein in a concentrated 
solution of borax. 

As a paste: Casein is mixed with 
calcium tannate and made into paste 
with water. 

As a plastic: Casein is treated 
with plasticizers, such as glycerol or 
tricresyl phosphate, under heat and 
pressure and the resultant mass hard- 
ened in formaldehyde. Many types of 
plastics are obtained with varied treat- 
ments of this sort and are used for 
buttons, fountain pens, lamp shades, 
combs, cutlery handles, billiard balls, 
electrical insulations, as a substitute 
for ivory and for celluloid. 

As a paint: Casein paint leaves a 
coating that is washable, which gives 
it an advantage over other water 
paints. These paints contain casein and 
a pigment mixed with water. 

As an artificial wool: Casein is dis- 
solved in sodium hydroxide solution 
which is then forced through minute 
nozzles into a coagulating bath con- 
sisting of acidulated formaldehyde 
solution. This “wool” has been suc- 
cessfully used as a substitute for rabbit 
fur in fur-felt hats. 


In addition casein is used for sizing 
paper, water-proofing, in the manu- 


facture of leather, in horticultural 
sprays, and as a filler or binder in 
certain foods. 

And this is only the beginning! 
More and more uses for casein are sti'l 
being found. 

Preparation 


Now that we know what we can 
do with casein, let’s concentrate on ob- 
taining it from milk. 

It requires about one quart of skim 
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milk to make one-half ounce of dry 
casein. The milk, from which ll 
cream has been removed, is heated to 
85°C. At this point dilute hydrochlor- 
ic acid is added until precipitation 
ceases. The precipitate is separated 
either by filtration or decantation. 
Now it must be dried. This requires 
patience. The casein must not be 
heated too strongly, as it will be 
scorched. Stir frequently and use pro- 


longed moderate heat. When dry, it 
is ground in a mortar. 

Casein can also be precipitated by 
adding rennet to the milk. The curd 
can be removed with a spoon and 
heated as above. 

* * * 

Thus we have it again, the familiar 
story of the chemist converting the 
waste and surplus products into those 
of usefulness. 


EXPERIMENT 13 


Lecithin From Eggs 


> LeciTHIN is a greasy, waxy sub- 
stance belonging to that large variety 
of fats and related compounds known 
as lipids. There are simple lipids, 
such as butterfat; compound lipids, 
such as lecithin; and derived lipids, 
such as the fatty acids and sterols. 

Lecithin is widely distributed in 
nature. It is present in the human 
body in the brain, kidney, liver, heart, 
lung and spleen. It is also found in 
egg yolk and soy beans. 

Since it is rather inconvenient to 
separate lecithin from the brain, heart, 
kidney or lungs, we shall attempt to 
extract it from egg yolks. 

First, it is necessary to hard-boil 
an egg. We suggest that you consult 
a good cook book to determine how 
this is done. Place about one-half of 
the yolk in a mortar. Add 30 cc. of 
ether, small portions at a time, and 
grind until a smooth liquid is formed. 
Quickly filter and wash the filtrate 
with additional ether. Then transfer 
the filtrate to a watch glass and 
evaporate off the ether by floating the 
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glass in a container of hot water. Be 
very careful in working with ether, 
as it is highly flammable and its 
vapors can be explosive. Make cer- 
tain that no open flames are in the 
room and that adequate ventilation is 
provided. 


Ether will dissolve lecithin from 
egg yolk. But along with the lecithin 
it also dissolves a certain amount of 
fat and protein. So our next step is to 
remove the fat and protein from our 
residue. This we can do by extract- 
ing with alcohol. Alcohol will dis- 
solve the protein and part of the fat, 
but not the lecithin. 


Dissolve as much of the residue as 
possible in 10 cc. of hot alcohol. 
Allow to stand a short time, then 
carefully pour off the alcohol from 
the heavy oil. Evaporate the remain- 
ing liquid by applying gentle heat. 
Do not heat strongly. The residue 
should consist primarily of lecithin 
along with a portion of the fat. Dis- 
solve it in 6 oc. of ether and add an 
equal quantity of acetone. The fat is 
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soluble in acetone, whereas the lecithin 
is not. The latter will separate in small 
particles. By stirring with a glass rod, 
you should be able to get these par- 
ticles to adhere together and form a 
waxy ball. 
Detection 

You can perform a delicate test for 
lecithin just to verify that your leci- 
thin is lecithin. Dissolve a small par- 
ticle of the lecithin in 1 cc. of ether. 
Shake this solution with 2 cc. of a 
10% solution of ammonium molyb- 
date (approximately one gram of am- 
monium molybdate dissolved in 10 
cc. of water). Now very carefully 
float a portion of this solution on one 
cc. of concentrated sulfuric acid in a 
test tube. A red ring will form where 
the two liquids meet which will rap- 
idly turn to green and finally to blue. 
Properties 

Lecithin will not dissolve in water, 
but will swell up to form a milky 
colloidal solution. Drop a small piece 
of lecithin in water and add a pinch 


of salt. Stir, and note the swelling of 
the granules. 


Prepare a solution of sodium hy- 
droxide by dissolving one gram of 
the solid in 10 cc. of water. Boil 
piece of lecithin the size of a pea in 
this solution for a few minutes. Do 
you observe any indication of a soap 
being formed? 

* * * * 

Lecithin is quite a complex fatty 
substance. It is a mixture of the di- 
glycerides of palmitic, stearic and 
oleic acids linked to the choline ester 
of phosphoric acid. (Wow!) 


When it is hydrolyzed it splits up 
to form acids, choline, phosphoric 
acid and glycerol. It is known more 


technically as a phospholipid, which 


means it contains phosphorus and 


nitrogen in addition to the usual car- 
bon, hydrogen, and oxygen. 

Lecithin is important in the role of 
an emulsifying agent, and is used in 
the preparation of margarine, salad 
dressings and similar products. 


EXPERIMENT 14 


Flavorings 


> Foop would be dull indeed if it 
were not for flavorings. Nature has 
provided a variety of flavorings in 
plants, herbs, roots and fruits. Some- 
times the extraction of these flavor- 
ings for use in other foods is an ex- 
pensive process. So the chemist has 
gone to work and succeeded in pre- 
paring a number of synthetic and 
artificial flavors which can be pro- 
duced cheaply. Here are just a few 
you can prepare in the home labora- 
tory. We do not recommend that you 
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use any of these flavorings in food, 
though! 
Wintergreen 

Mix one gram of salicylic acid with 
3 cc. of methyl alcohol in a test tube. 
Add about 10 drops of concentrated 
sulfuric acid and heat gently. 


Bananas 


Place 1 gram of sodium acetate in 
an evaporating dish. Add 2 cc. of ethyl 
alcohol and 10 drops of concentrated 
sulfuric acid and heat gently. 
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Almonds 


Add a few drops of benzyl alcohol 
to a solution of chromic acid. (The 
chromic acid is prepared by adding 
one cc. of con. sulfuric acid to 4 cc. 
of potassium bichromate solution). 


Apples 


Add a few drops of amy! alcohol to 
3 cc. of chromic acid solution. Mix 
thoroughly. Pour one-half of the con- 
tents into another test tube. Add an 
equal quantity of ethyl alcohol and a 
few drops of sulfuric acid. Warm 
gently. 


Pineapples 

Proceed exactly as above for 
“app'es,” using butyl alcohol in place 
of the amyl a'cohol. 





+ + + HF 





Cinnamon 
Mix together in a large test tube, 
cc. of freshly-distilled acetaldehyde, 
cc. of freshly distilled benzaldehyde 
and 4 cc. of dilute sodium hydroxide 
solution. Stopper the tube, shake 
thoroughly for several minutes, then 
immerse in ice water. Continue shak- 
ing and immersing for a short while, 
then allow to stand in a cool place for 
twelve hours. At the end of this time, 
a yellowish oily liquid forms. Separate 
it from the soluton by means of a 
medicine dropper. Do you recognize 
the odor? 
Pears 

Mix together in an evaporating dish 
one gram of sodium acetate, 2 cc. of 
amyl alcohol and 10 drops of con- 
centrated sulfuric acid. Warm gently. 


Wi VI 
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CHAPTER V 


The Clothing We Wear 


Adam and Eve made 
the first clothing of fig leaves, man 
has been faced with the problem of 
covering himself. For many hundreds 
of years the skins of animals served 
the purpose very well. Later on, 
clothing of plant origin, such as cot- 
ton and linen, was used. It has only 
been in very recent years that the 
chemist has entered the clothing in- 
dustry with synthetic fibers. The first 
important product from the chemist’s 
laboratory was rayon, which is itself 
prepared from cotton (cellulose). We 
will discuss cotton and its relationship 
to rayon. But the chemist was not 
satisfied with rayon. Striving always 
to better his previous creations, he 
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was successful in producing a fiber 
far superior to rayon—the highly 
popular nylon. And already he has 
produced fibers (Orlon, Dacron, etc.) 
which are in some respects superior to 
nylon. The production of nylon is a 
little too complex for the home lab- 
oratory, so we must reluctantly pass 
it by. 

Clothing would be drab and quit: 
uninteresting (especially to the 
women) were it not for the many 
beautiful and varied colors produced 
by the hundreds of synthetic coal-tar 
dyes. We will discuss a few of thes 
dyes that you can prepare, along with 
several of the natural dyes. 


EXPERIMENT 15 


King Cotton 


> More THAN 20 million Americans 
depend on cotton for their livelihood, 
either directly on farms or indirectly 
from industry. It stands with wheat 
and corn to form the “Big Three” 
crops of the United States. 

Although grown and used for cen- 
turies, cotton really came into its 
own when the chemist entered the 
scene. For what he created from cellu- 
lose, chief ingredient of cotton, was 
nothing short of miraculous. No 
longer used just for fabrics, it now 
plays a part in the formation of arti- 
ficial silks, paper, cord and rope, ad- 
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hesives, explosives, drugs and medi- 
cines, plastics, lacquers, photographic 
film, phonograph records, and a mul- 
titude of allied products. The chemist 
has succeeded in bringing the raising 
of cotton to an economically sound 
basis, literally from “poverty to pros- 
perity.” He has even utilized the seed. 
The all-important cotton-seed oil is 
widely used in lard substitutes, in the 
manufacture of oleomargarine, as a 
source of glycerin and explosives, in 
soaps, lubricants, cosmetics, and cook- 
ing and salad oils. And to think that 
the seed of cotton was once a general 
nuisance—a “waste product.” 
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Pyroxylin 


Absorbent cotton is practically pure 
cellulose. Let us examine a few com- 
pounds of this important substance. 


When cellulose is treated with ni- 
tric acid several very useful cellulose 
nitrates are obtained. The “dinitrate” 
containing 11% of nitrogen is known 
as pyroxylin, or collodion-cotton. 

Pour 3 cc. of water into a beaker 
and carefully add 15 cc. of sulfuric 
acid and 6 cc. of nitric acid. Cool the 
solution by placing the beaker in a 
larger container of cold water. When 
thoroughly cooled, add several small 
clumps of absorbent cotton. Allow the 
cotton to remain in the solution for 
about 15 or 20 minutes. (Keep the so- 
lution cooled all the while.) Then re- 
move the cotton and wash thoroughly 
with warm water and allow to dry. 
Do not heat. 

Pyroxylin is highly flammable as 
can be demonstrated by bringing a 
smal! piece to an open flame, using a 
crucible tongs of course. 


Collodion 


Pyroxylin will dissolve in a mixture 
of alcohol and ether to form a syrupy 
liquid, collodion, which is used in 
cements, lacquers, etc. 


Mix together equal proportions of 
absolute alcohol and ether. Place a 
small quantity of dry pyroxylin in the 
mixture. Stopper and let stand for a 
few days. At the end of this time, 
pour off a small quantity of the clear 
liquid into a watch glass. This is, 
or should be, collodion. Allow it to 
evaporate at room temperature. A thin 
film of pyroxylin remains. The film 
is waterproof, as can be demonstrated 
by pouring water into the watch 
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glass. Pour off the water, and if you 
are careful, you will be able to pick 
up the film in one piece with a pair 
of tongs. 


Celluloid 


Celluloid is not easily made success- 
fully in the home lab. Commercially 
it is formed by blending together 
pyroxylin, camphor and alcohol. By 
means of hydraulic presses, the mass 
is pressed together at high tempera- 
tures, cooled somewhat, then molded 
into the desired shape. Because of 
its high flammability, celluloid is 
rapidly being replaced by numerous 
newer plastics. 


Cement 


A good “cellulose” cement can be 
made by dissolving pieces of cellu- 
loid in acetone, the thickness of the 
cement depending upon the concen- 
tration of the solution. 


Gun-Cotton 


The nitrate of cellulose containing 
13% or more of nitrogen is known 
as gun-cotton (trinitrate). 


Carefully mix together 5 cc. of con. 
sulfuric acid and 6 cc. of con. nitric 
acid. Cool the solution; then place a 
small piece of cotton in it for 10 min- 
utes. Remove the cotton and wash 
thoroughly with warm water. Allow 
to dry at room temperature. When 
dry, bring the cotton to a flame. Note 
the brilliant flash as it burns rapidly. 
Gun-cotton is used in producing 
smokeless powders, dynamite, cor- 
dite, and other explosives. 

Remember, you are working with 
caustic acids and flammable com- 
pounds. Use only small quantities and 
work carefully. 
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Cotton: Future 


The scientist is a restless creature. 
He creates a useful substance. But he 
is never satisfied. His previous cre- 
ation is never good enough, and he 
finds himself forming new and bet- 
ter things today to replace those he 
produced yesterday. 

Rayon is an extremely useful arti- 
cle. But consider nylon. Here is a 
serious competitor—better, stronger, 
more versati'e—and no doubt it will 
entirely replace rayon in years to 
come. 





EXPERIMENT 16 


Celluloid, as a plastic, already is a 
thing of the past. Consider Lucite, 
Plexiglas, Vinylite, etc.—all new plas- 
tics with many advantages over cel- 
luloid. Even cellophane has been 
overshadowed by the new versatile 
Polyethylene. Finally, consider soy- 
bean oil, another competitor of cotton 
seed oil. 


Could the same scientist who 
brought cotton to the throne con- 
tribute to its downfall? For already 
we are beginning to realize that cot- 
ten is no longer king! 


Rayon 


» Lest you be disillusioned, we shall 
state here that this experiment will 
not produce a rayon sweater, stock- 
ings or shirt. About all we can do in 
the home laboratory is prepare the 
basic solutions of cellulose compounds 
from which rayon yarn is obtained. 

There are four general methods 
used in preparing rayon. All of them 
consist of a form of cellulose or its 
compounds. This cellulose “solution” 
is drawn through an orifice, a series 
of small openings approximately 
0.003 inch in diameter. As the liquid 
is forced through these holes, it is 
directed into a proper solution (pre- 
cipitating medium) where it solid- 
ifies into a continuous filament. The 
filaments then are twisted into 
threads. The only difference in the 
four processes is the type of cellulose 
sclution used. 


Nitrocellulose 


1. The nitrocellulose process. In this 
process the cellulose is converted into 
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cellulose nitrate by the action of con- 
centrated nitric and sulfuric acids. 
The resultant solution is dissolved in 
a mixture of alccho! and ether and 
in this form is forced through the 
“spinneret” into warm water. In this 
case the filaments are cellulose nitrate, 
which is highly flammable. There- 
fore it is “denitrated” by further 
treatment with sodium hydrosulfide. 
Viscose 

2. The viscose process. Here th 
cellulose is first treated with a solu- 
tion of sodium hydroxide. The re- 
sultant alkali-cellulose is aged for 
several days and then dissolved in 
carbon disulfide to form cellulose 
xanthate. The cellulose xanthate is 
dissolved in sodium hydroxide to 
form the viscous yellow liquid known 
as viscose. After another aging period, 
the viscose is forced through the spin- 
neret into a solution of dilute acid to 
form filaments of regenerated cellu- 
lose. To make cellophane, the viscose 
is simply forced through a narrow slit 
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into the acid solution. Thus thin 
transparent sheets are formed instead 
of the filaments. 


Cuprammonium 


3. The cuprammonium process. 
The cellulose is dissolved in a solution 
of cupric hydroxide in concentrated 
ammonium hydroxide (Schweitzer’s 
reagent), and forced through the 
spinneret. Here again the filaments 
are composed of regenerated cellulose. 
The precipitating medium in this 
process is usually dilute acid. 


Acetate 


4. The cellulose acetate process. 
The cellulose is treated (acetylated) 
with a solution of acetic anhydride 
and glacial acetic acid. The product 
(acetylated cellulose) is precipitated as 
a white solid with water. This product 
is treated with acetone to form the 
the viscous solution which is forced 


through the spinneret. As the liquid 
comes into contact with warm air, the 
acetone evaporates and a filament of 
cellulose acetate remains. This type of 
rayon is known as Celanese. 


In the previous experiment on cot- 
ton, we prepared cellulose nitrate. So 
now let us attempt to prepare the 
cuprammonium solution of cellulose. 


First, prepare Schweitzer’s reagent 
by dissolving 24 grams of copper sul- 
fate in 50 cc. of water and adding a 
solution of sodium hydroxide as long 
as a precipitate is formed. Wash the 
precipitate three times by decantation 
with 300 cc. of water. Filter through 
a cotton cloth and again wash the 
precipitate until the wash-water is 
free from sulfates. Finally press out as 
much water from the precipitate as 
possible and dissolve as much of it as 
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you can in 5 cc. of concentrated am- 
monium hydroxide (sp.gr. 0.90). 


Filter paper and absorbent cotton 
are good sources of cellulose. Try dis- 
solving a few small pieces of filter 
paper in Schweitzer’s reagent. Con- 
tinue to add small pieces as long as 
they dissolve. Pour some of the liquid 
into dilute hydrochloric acid solution. 
The precipitated cellulose is actually 
crude rayon. 


Celanese Type 


You may prefer the celanese-type of 
rayon. If, so prepare a solution con- 
sisting of 10 cc. of glacial acetic acid, 
3 cc. of acetic anhydride and 2 drops 
of concentrated surfuric acid. The lat- 
ter acts as a catalyst in this reaction. 
Place a small tuft of absorbent cotton 
in the soluton, pressing it well into the 
liquid with a glass rod. Cover with a 
glass plate and allow to stand for 24 
hours. At the end of this time, you 
should have a clear solution. Pour it 
in a thin stream into a large container 
of water. Cellulose acetate is precipi- 
tated, which is the basis for the prod- 
uction of celanese. 


Cellulose Xanthate 


Viscose is a little more difficult to 
prepare in the home laboratory, but 
you may attempt it if you wish. Stir 
a small wad of cotton with a glass rod 
in a 20% sodium hydroxide solution 
in a large test tube. Warm the solu- 
tion for a few minutes, keeping the 
cotton well immersed in the liquid. 
Then remove the cotton and squeeze 
out the sodium hydroxide (but not 
with your fingers!). Place the cotton 
in a beaker, and cover it with carbon 
disulfide. Place a glass plate over the 
beaker and allow to stand for several 
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days. The liquid will turn orange in 
color. Again squeeze out the excess 
liquid from the cotton and allow the 
carbon disulfide to evaporate. Do not 
heat, and be sure to keep all open 
flames away from this highly flam- 
mable mixture. Finally dissolve the 


cotton (“cellulose xanthate”) in a 
10% solution of sodium hydroxide. 
Shake and stir until a fairly uniform 
viscous liquid is obtained. This is 
crude viscose. Pour it into dilute hy- 
drochloric acid to obtain the crude 
rayon. 


EXPERIMENT 17 


Aniline 


> Ir was in 1826 that the chemist, 
Unverdorben, distilled indigo and ob- 
tained a new compound. But little 
was learned concerning the new com- 
pound and it was not considered to 
be of much value. 


Eight years later the chemist, 
Runge, obtained the same compound 
from coal tar. But, again, little was 
known about it and it was considered 
more or less useless. 


Perkin’s Experiment 


But in 1856 the chemist, Perkin, 
while searching for a method to pre- 
pare quinine synthetically, accidental- 
ly discovered a use for the substance. 
During the course of his research, he 
poured chromic acid into a container 
which held some of the “useless com- 
pound” obtained from coal tar. No 
doubt he was greatly surprised to see 
the deep violet color which diffused 
rapidly throughout the container. This 
was mauve, the first of the many 
colorful aniline dyes, which the chem- 
ist now prepares from black, sticky, 
foul-smelling coal tar. 

You can prepare aniline in the home 
laboratory and repeat Perkin’s experi- 
ment. This can be done using benzene 
as the starting point, from which 
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nitrobenzene is prepared. The nitro- 
benzene is then reduced 
with nascent hydrogen. 


to aniline 


Carefully mix together 3 cc. of 
con. sulfuric acid and 3 cc. of con. 
nitric acid. Cool the solution and add 
it in small portions to 2 cc. of ben- 
zene in a small flask. Shake the flask 
thoroughly after each addition .When 
all has been added, warm the flask 
gently for a few minutes. Nitrob-n- 
zene is formed and can be recognized 
by its characteristic almond-like odor. 
Inhale cautiously as the vapors are 
poisonous. Pour the mixture into 10 
cc. of water in a test tube. The nitro- 
benzene will separate as a light yellow 
oily liquid. Transfer this liquid to 
another test tube by means of a medi- 
cine dropper. Add a small piece of 
tin and 5 cc. of hydrochloric acid. If 
the reaction is too slow, it can be 
hastened by gentle heat. (Shake the 
tube occasionally). Nascent or atomic 
hydrogen is liberated and reduces the 
nitrobenzene. The light yellow liquid 
gradually turns darker in color. If 
necessary add more tin or acid to as- 
sure ample generation of hydrogen. 
The aniline obtained in this manner 
is dark brown with a benzene-like 


odor. 
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Benzene 


Nitrobenzene 


Aminobenzene (aniline) 


> How aniline is formed from benzene 


The beautiful mauve dye is formed 
when an oxidizing agent is added to 
aniline. Perkin used chromic acid, but 
bleaching powder is generally used 
now because it is cheaper and more 
readily available. Stir about one tea- 
spoonful of bleaching powder (chlor- 
ide of lime) in 200 cc. of water. Add 
to this one drop of aniline. Imme- 
diately the purple color is formed and 
gradually spreads throughout the so- 
lution. Filter, and take notice of the 
clear solution. It will appear wine-red 
in strong light. Various dilutions will 
produce many lovely hues of violet. 
Before disposing of the dye, add a 
solution of sodium bisulfite to it. Per- 
haps the result will surprise you! 

The chemistry of the above reac- 
tions can easily be understood if the 
formula for nitric acid is visualized 


as OH.NOs. Now the hydroxyl radi- 
cal (OH) has a strong attraction for 
the hydrogen atom (H). The latter is 
readily available in the benzene mole- 
cule. (Refer to accompanying dia- 
gram.) Thus the two unite to form a 
somewhat common substance with the 
formula, HeO. This leaves the nitro 
group (NOs) alone, which imme- 
diately combines with the carbon from 
which the hydrogen was snatched by 
the hydroxyl group. The new combi 
nation is nitrobenzene. When aniline 
is formed, the oxygen in the nitro 
group is replaced by hydrogen to 
form the amino (NHz) group. The 
oxygen that is set free immediately 
combines with more of the hydrogen 
to form the substance HeO. And 
that’s all there is to it! Nothing really 
complicated about it, is there? 


EXPERIMENT 18 


Malachite Green 


> Wirnout further ado, let us pro- 
ceed with the synthesis of Malachite 
green. 

First, we need 3 cc. of freshly dis- 
tilled benzaldehyde. Use care in per- 
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forming this distillation. It might be 
a good idea to add a few pieces of 
porcelain plate or glass beads to the 
benzaldehyde in order to prevent 
“bumping” and uneven boiling. 
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Next, we must prepare anhydrous 
zine chloride. Place 5 grams of the 
compound in a large porcelain evap- 
orating dish. Heat gently at first with 
constant stirring. Gradually apply 
more heat and finally enough to melt 
the compound. Continue to heat for 
a few minutes, then cover the dish 
with a glass plate and allow to cool. 
Add to the cooled zinc chloride, the 
3 cc. of freshly distilled benzaldehyde 
prepared above along with 6 cc. of 
dimethyl aniline. Heat the mixture on 
the steam bath for 90 minutes. 


You can devise your own “steam 
bath” by using a large beaker on which 
the evaporating dish can set comfort 
ably, on top, without falling in. Fill 
the beaker half full of water and heat. 
The steam from the boiling water wi'l 
heat the dish. Of course, arrange the 
dish so that the lip of the beaker re- 
mains open to allow excess steam to 
escape. Cover the evaporating dish 
with a glass plate. Stir the contents 
frequently during the heating and if 
the mixture becomes too thick, add a 
little hot water. 


Leuco-Base 


The product we obtain is known as 
the leuco-base of Malachite green, or, 
if you prefer, tetramethyldiaminotri- 
phenylmethane. Our next step is to 
convert it to the carbinol (color) base 
by oxidation. 

Dissolve the residue in a solution 
of 3 cc. hydrochloric acid and 6 cc 
water. Transfer the liquid to a large 
beaker. Add 100 cc. of water and 
about 20 grams of cracked ice. Now 
prepare a suspension of lead dioxide, 
PbOs, by vigorously shaking 2 grams 
of the powder in 15 cc. of water. This 
is our oxidizing agent. Add it to the 
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beaker slowly, in small portions, stir- 


ring continuously. 

The next step is to remove the lead. 
This is done by adding a solution of 
2 grams of sodium sulfate in 10 cc. of 
water. Filter off the resultant lead sul- 
fate. 

Malachite green is usually precipi- 
tated as the double salt of the hydro- 
chloride and zinc chloride. 


Add to the filtrate a solution of 3 
grams zinc chloride dissolved in 15 cc. 
of water followed by 12 grams of solid 
sodium chloride. Stir thoroughly for 
a few minutes. Filter off the green 
crystals and carefully dry. If you have 
worked carefully, you should have a 
yield of about 3 grams. 


Now that you have obtained Mala- 
chite green, are you prepared to dye? 


How to Dye 


As you have certainly observed by 
now, the dye is an intense blue-green 
color—and a little goes a long way. 
It is a basic dye and will dye wool and 
silk directly. However, in order to dye 
cotton, the cloth must be mordanted 
first. By “mordanted” we mean treat- 
ed with a substance (“mordant”) 
which is taken up by the fibers of the 
cloth. The mordant in turn takes up 
the dye. Thus I suppose you could say 
that we actually dye the mordant, not 
the cloth. But who knows the differ- 
ence! 

Prepare a solution of Malachite 
green by dissolving a small quantity 
of the powder in water. Heat to boil- 
ing and immerse a piece of wool or 
silk in the hot solution for several 
minutes. Remove and wash with 
water. The cloth is dyed a deep blue- 
green. This process is known as direct 
dyeing. 
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If you will perform the above opera- 
tion with cotton you will find the color 
is not fast. To dye cotton preliminary 
treatment with a mordant is neces- 
sary. This process is known as mor- 
dant dyeing. (For best results with 
cotton, it is advisable to boil it for 10 
minutes in a solution of one gram 
sodium carbonate in 500 cc. of water 
and then rinse several times in clear 
water, before attempting to dye it.) 
Dissolve a very small quantity of tan- 
nic acid (about 0.2 g.) in 100 cc. of 
water. Heat to boiling and immerse a 
piece of cotton cloth in the hot solu- 
tion for several minutes. Remove the 
cloth, press it with a spoon to remove 
excess liquid, then immerse for sev- 
eral minutes in boiling Malachite 
green solution. You will note this 


> THE TECHNICAL name for methyl 
orange is sodium p-dimethylaminoa- 
zobenzene-sulfonate. (Hereafter, we 
will refer to it as “methyl orange”). 
It is formed by the diazotization of 
the amino group of sulfanilic acid 
and the coupling of the resultant 
products with dimethylaniline hydro- 
chloride. But don’t get discouraged; 
it really isn’t as bad as it sounds. We 
shall proceed slowly, step by step. 


First, thoroughly dissolve one gram 
of sodium carbonate in 25 cc. of water 
using a 100 or 150 cc. size beaker. 
Now add 3 grams of sulfanilic acid. 
When the resultant effervescence 
ceases, warm the mixture until all 
solids are dissolved; then allow to 
cool. 
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EXPERIMENT 19 


Methyl Orange 
















time that the dye is fast. To make the 
color somewhat darker, the tannic 
acid may be fixed to adhere more 
strongly to the fibers. This is done by 
dipping the cloth in tannic acid as 
before and then immersing in a solu- 
tion of tartar emetic for about 10 
minutes. Use about 0.2 g. of tartar 
emetic dissolved in 200 cc. of water. 

Malachite green is converted into a 
colorless compound by reducing 
agents. This can be demonstrated by 
adding a solution of sodium bisulfite 
to the dye. Incidentally, this is a good 
method of removing the dye from 
your glassware . . . (or from your 
hands? ) 

Well, we hope you have enjoyed 
dyeing. If so, we must dye again some 
time. 
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> BENZENEDIAZONIUM sulfonate 


In another container, dissolve one 
gram of sodium nitrite in 5 cc. of 
water. Add this to the sulfanilic acid 
solution, Stir and cool the liquid by 
placing the beaker in a mixture of 
crushed ice, salt and water. Bring to 
a temperature of 5 degrees. Add to 
this, drop by drop, a solution of 4 cc. 
concentrated hydrochloric acid in 8 
cc. of water. Stir after each addition 
and do not allow the temperature to 
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rise above 10 degrees. You may ac- 
complish this conveniently by using 
a thermometer to stir the liquid. 

The above procedure is known as 
diazotization, which simply means 
the formation of diazonium salts. 
seems that when nitrous acid acts 
upon the salts of aromatic primary 
amines, compounds with properties 
characteristic of ionic salts are formed. 
They have been termed “diazonium” 
salts because of their analogy to am- 
monium compounds. They are usual- 
ly unstable and most of them are ex- 
plosive in the dry state. For that 
reason, we are happy to oblige and 
keep them in aqueous surroundings. 
Because of their great activity, they 
find valuable use as intermediates in 
the preparation of many synthetic 
compounds and dyes. 


In our experiment, the compound 
formed is benzenediazonium sulfo- 
nate. It is only sparingly soluble in 
water and will separate out as hy- 
drochloric acid’ is added. After the 
acid has been added, let the solution 
stand for two or three minutes—no 
longer. 

Mix together 2 cc. of dimethylani- 
line, 2 cc. of hydrochloric acid and 5 
cc. of water. Cool and add to the cold 
diazonium salt solution. Stir rapidly 
and let stand for about five minutes. 
\ deep red color should be formed. 
Upon adding a solution of sodium 
hydroxide (3 grams of NaOH in 10 
cc. of water), methyl orange will 
separate in fine orange crystals. Heat 
until a uniform orange color is form- 
ed. Add about 5 grams of salt and 
allow to cool. This will cause more 
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complete precipitation of the methyl 
orange. The solution is now filtered, 
and the precipitate purified by dis- 
solving in hot water and recrystalliz- 


ing. 
Coupling 

This latter portion of our experi- 
ment is known as coupling, which is 
the reaction of a diazonium salt with 
an amine, in this case, dimethylani- 
line. In other words, coup!'ing occurs 
between benezenediazonium sulfonate 
and dimethylaniline with the resultant 
formation of p-dimethylaminoazoben- 
zene-p sulfonic acid. The addition of 
sodium hydroxide converts the acid 
into the sodium salt, methyl orange. 


If your solution turns dark green 
instead of orange, it is probably due 
to the formation of p-nitrosodimethyl- 
aniline. This compound is formed 
when an excess of nitrous acid is used 
and is insoluble in water. However, 
when warmed with sodium hydroxide 
it is converted into the soluble p-nitro- 
sophenol. Thus you may still obtain 
methyl orange by allowing the solu- 
tion to cool and filtering off the pre- 
cipitate. It will be necessary to repeat 
the process several times. The precipi- 
tate is then purified as before. 

Methyl orange is used as an indi- 
cator. Dissolve a small amount of it in 
warm water. Add a small quantity of 
hydrochloric acid and a lovely red 
color appears. With alkali solutions, 
the indicator turns yellow. 

Although it forms a beautiful 
orange color, methyl orange is not 
used as a dye because of its sensitivity 
to acids and alkalies. 


















































EXPERIMENT 20 


Natural Dyes 


> Pernaps you have wondered how 
people dyed before the chemist 
brought forth his array of coal-tar 
dyes. It was done with “natural” dyes 
which were prepared from plants, 
trees, insects, etc. Although these dyes 
are not used to a great extent today, 
they make interesting laboratory ex- 
periments which can be performed at 
home. 


Logwood 

Logwood is obtained from a Cen- 
tral American tree of the senna 
family. It consists of about 10% 
hematoxylin along with tannin and 
resin. 

By boiling logwood chips in water 
you can obtain a beautiful deep red 
color. To prepare a red dye, add a 
solution of cobalt chloride to the log- 
wood extract. 

To prepare black dye, add a solu- 
tion of ferric ammonium sulfate to 
the logwood extract. 

To prepare olive green logwood 
dye, add copper sulfate solution to 
the logwood extract. 


Horse-Chesinut Bark 


A blue fluorescent dye can be ob- 
tained from the bark of the horse- 
chestnut tree by boiling a few chips 
in water to which some ammonia has 
been added. 


Turmeric 

Perhaps you are familiar with tur- 
meric as a condiment (as curry pow- 
der). However it has also been used 
as a yellow dye. It is made by grind- 
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ing the roots of the Curcuma longa 
plant found in India, China and the 
East Indies. Boil the powder in water 
for several minutes, then add the 
material to be dyed and continue to 
boil gently for 30 minutes. 


Indigo 

Indigo is one of the oldest and 
most popular dyestuffs. It is obtained 
from the leaves of the indigo plant 
(Indigofera) found in Bengal, Java, 
Guatemala, etc. It is now produced 
synthetically. 

The natural indigo must be “pre- 
pared” for use as a dye. Place the 
indigo in a beaker and add sodium 
carbonate solution with a small quan- 
tity of wheat bran. Place the mixture 
in a warm place for about a week 
until fermentation sets in. You can 
hasten this action by stirring the 
mixture occasionally. 

Onion Skins 

Grandma used to color eggs brown 
for Easter with onion skins. Simply 
peel off the brown outside skins from 


the onions and boil in water for 
about 15 minutes. 


Goldenrod 

Soak the crushed fresh flowers in 
water and let stand for about 24 
hours. Then boil for one hour and 
filter. Immerse the material to be 
dyed in the filtrate and boil gently 
for another half hour. 
Tannin 


Tannin, or tannic acid, occurs in 
the bark of various species of oak, 
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sumac and myrobalan. Treated with 
iron salts, it forms a black dye. Dis- 
solve a small quantity of tannic acid 
by boiling with water for a few min- 
utes. Moisten the cloth to be dyed 
with this solution. Allow to dry, then 
immerse it in a solution of ferric 
ammonium sulfate. 


Blueberries 

If you have ever spilled any blue- 
berry pie on the white table cloth, 
you have probably noticed that it is 
an effective coloring agent. Simply 
crush the berries in water to obtain 
the dye. 
Other Vegetables Dyes 

There are many other dyes which 
can be obtained from various p!ants 
by methods similar to those outlined 
above. For example, you can use the 
juice of beets, elderberries and dark 
red cherries, the extract from red 
cabbage leaves, apple tree bark or the 
wood from the Osage orange tree. 
Cochineal 

In addition to vegetables and trees, 
dyes can also be obtained from insects, 
of all things! The insects Coccus 


> 
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Cacti, which feed on various plants 
in Mexico and Central America, are 
collected and the bodies dried. Coch- 
ineal boiled in water froms a lovely 
red color. 


Sulfur Dyes 


Although not of vegetable origin, 
we will consider two dyes prepared 
from sulfur. These are sulfur brown 
and sulfur black. There are many 
dyes which can be obtained from 
sulfur by fusing with various organic 
substances. Many of these dyes vary 
widely in composition and are trade 
secrets, hence the exact constitution 
of most sulfur dyes is not known. 

One method of producing a black 
dye is to heat equal quantities of 
tannic acid, sodium carbonate and 
sulfur in a dry test tube. When cool, 
add water. 

A brown sulfur dye can be made 
by mixing together equal quantities of 
sulfur and sodium carbonate in a 
mortar. Add sufficient glycerin to 
form a heavy paste. Transfer to a 
test tube and heat for several minutes. 
When cool, add water. 


+ + | 
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CHAPTER VI 


The Coins We Spend 


> THE coIns we spend, if we can ob- 
tain them, consist primarily of copper, 
nickel and silver. Although we no 
longer use the gold coins, we will in- 


clude the metal gold in this chapter, 
as we are more interested here in the 
properties of the metals than in actual 
coins. 


EXPERIMENT 21 


Copper 


> We vsvatty think of copper in the 
penny, but actually it comprises 75% 
of our five-cent coins, 10% of our sil- 
ver coins and 10% of the extinct gold 
coins. It is in fact, a most important 
alloying metal. It forms alloys with 
practically all metals except lead. 
Brass, bronze, German silver, Britan- 
nia metal, gun metal, bell metal and 
Cupraloy are just a few of the popular 
alloys of copper. 

You are no doubt familiar with the 
Electromotive Series of metallic ele- 
ments. This is simply a list of the 
elements in an order of relative chem- 
ical activity. We can list a few of the 
common metals as follows: 


1. Potassium 8. Tin 

2. Sodium 9. Lead 

3. Calcium 10. Hydrogen 
4. Magnesium 11. Copper 
5. Aluminum 12. Mercury 
6. Zinc 13. Silver 

7. Iron 14. Gold 


Any metal in this list will displace 
from solution a metal that lies below 
it. For example, iron will displace 
copper from copper solutions and cop- 
per will displace silver from silver 
solutions. 
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Prepare a solution of copper sulfate 
in a beaker and drop in a clean iron 
nail. You will soon notice that the 
nail is covered with a coating of cop- 
per. Here the iron has gone into solu- 
tion (as iron sulfate) and displaced 
the metallic copper. 

Clean a copper penny by rubbing 
it with steel wool and cleanser. Drop 
it into a solution of silver nitrate. 
After a short while, the penny will 
be covered with shining crystals of 
silver. The solution turns blue as 
copper sulfate is formed. 

If you want a “silver” penny, a 
better way is to plate it with mercury. 
Drop a clean shining penny into a 
solution of mercuric chloride. After 
twenty minutes, remove the coin. It 
will be colored black. Rub it briskly 
with a dry cloth. This will require 
considerable “elbow grease.” But if 
you rub long enough and hard 
enough, you will obtain a bright 
“silver” penny. 

To the best of our knowledge, cop- 
per was the first metal used by man. 
Articles made from it have been found 
which are over 6000 years old. The 
metal is found in the free state rather 
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widely and its metallurgy is relatively 
simple. Ores contain copper com- 
bined as the oxide, hydroxide, car- 
bonate or sulfide. The latter, which is 
the most important, must be smelted. 
The product, usually a mixture of 
several metallic sulfides, is mixed 
with coke and roasted again. A b'ast 
of air is introduced which oxidizes 
any iron sulfide present to iron oxide. 
The latter combines with the silica 
which had been added to form ferrous 
silicate and is poured off as slag. Of 
course when the air is added, cuprous 
oxide is also formed. This combines 
with the remainder of the copper sul- 
fide to form free copper: 


2 CuenO + Cu.S > 6 Cu + SO. 


You can obtain copper in the home 
laboratory by the reduction of copper 
oxide. Mix together 3 grams of cop- 
per oxide (CuO) with 1/2 gram of 
charcoal and place in a crucible or in 
a hard-glass test tube. Heat strongly 
for about ten minutes. When cool, ex- 
amine the residue for traces of metal- 
lic copper. 

Copper is malleable, ductile and 
flexible. It is an excellent conductor of 
electricity. 

Chemically it is rather inactive. 
However if exposed to moist air for 
any length of time, it will be coated 
with the familiar green “corrosion.” 
This is verdigris, a basic carbonate of 
copper CuCOs-Cu(OH)»s. You will 
find that copper readily dissolves in 
nitric acid, to form copper nitrate 
with the evolution of brown fumes of 
the oxides of nitrogen. If dilute nitric 
acid is used, nitric oxide is obtained 
whereas nitrogen dioxide is formed 
when the concentrated acid is used. 


It will react with concentrated sul- 
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furic acid to form cupric sulfate. How- 
ever, in this case, sulfur dioxide is 
liberated. The copper is oxidized to the 
cupric ion, and the acid is reduced to 
sulfur dioxide: 


Cu + 2 H.SO,; > 
Cu SO, + SO, + H,0. 

Copper will not react with hydro- 
chloric acid. 

As you have probably noted, most 
soluble salts of copper form a blue 
solution. Cupric chloride is green in 
concentrated solution, but will turn 
blue as the solution is diluted. 


When ammonia is added to cupric 
sulfate solution, an intense blue solu- 
tion is obtained. This is tetrammino- 
cupric sulfate, a typical complex salt 
of copper. 

When hydrogen sulfide is bubbled 
through a solution of a copper salt, 
the black sulfide, CuS, is precipitated. 
This precipitate will dissolve in nitric 
acid. 

Light blue cupric hydroxide, 
Cu(OH)s, is precipitated when alka- 
lies are added to copper solutions, It 
will dissolve in ammonia. 


Reddish-brown cupric ferrocyanide 
is precipitated by potassium ferrocya- 
nide. 

Needless to say, copper is an ex- 
tremely useful and important metal. 
It is used in more than a thousand 
alloys! You are familiar with its use 
in telephone and telegraph lines, in 
wires and hundreds of electrical in- 
struments. It is also used in electro- 
typing, electroplating, etc. 

When we consider copper as a coin, 
we think of it as the lowest valued 
metal. But, truly, in the aspect of 
industrial usefulness, it is one of the 
most valuable of metals. 
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Nickel - Five 


> Once upon a time, the American 
five cent piece was worth five cents. 
With a nickel one could buy a candy 
bar, cigar, ice cream cone, soft drink 
and even a hot dog or a loaf of bread. 
But now the nickel is only part pay- 
ment on these items and about the 
only thing it can be used for is in the 
church collection plate. 


But the monetary value of the coin 
does not interest us (much), for we 
are concerned with what it is made 
of rather than its worth. Strangely 
enough, there is very little nickel in 
a nickel. Actually, it is 25% nickel 
and 75% copper. Having nothing 
better to do, suppose we see if we 
can determine the presence of the two 
metals in a nickel. 

First, obtain the nickel. During the 
war years, nickel was so badly needed 
that its use in coinage was curtailed 
and silver was used instead. So try to 
obtain a nickel dated prior to 1941 
or after 1947. We don’t want our 
nickel coins adulterated with silver. 

Clean the coin thoroughly with 
steel wool and cleanser. Then drop it 
into a dilute solution of nitric acid. 
If necessary, apply more heat and add 
additional acid from time to time 
until the nickel is entirely dissolved; 
then, filter. We now have a solution 
of copper and nickel nitrates. 

How shall we separate the two 
compounds? Both nitrates are solu- 
ble in water and alcohol. Both hy- 
droxides are greenish-blue and both 
are soluble in acids and ammonium 
hydroxide. Both oxides are black and 
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EXPERIMENT 22 


Cents Worth 


soluble in acids. Both sulfates, chlo- 
rides and acetates are soluble, whereas 
both sulfides, carbonates and oxalates 
are insoluble. 


Before we proceed further, suppose 
we transfer our compounds to the 
chlorides. First add a solution of 
sodium hydroxide to the mixed _ni- 
trates forming a precipitate of nicke! 
and copper hydroxides. Filter off, 
then add more sodium hydroxide to 
the filtrate and re-filter. Combine the 
two precipitates and dissolve the mass 
in dilute hydrochloric acid. We now 
have a solution of copper and nickel 
chlorides. Thinking of copper chlo- 
ride brings to mind the fact that 
cuprous chloride is insoluble in water. 
Of course, our solution contains cu- 
pric chloride. Why not add a re- 
ducing agent to precipitate the cop- 
per as cuprous chloride? You can, if 
you wish. Add a solution of stannous 
chloride and filter off the precipitate. 
You will then have a solution of 
nickel chloride—but, mixed with tin! 


So, let’s plan another attack. We 
find there is one difference in the 
two sulfides. Copper sulfide is precipi- 
tated by hydrogen sulfide in the pres- 
ence of acid, whereas nickel sulfide is 
not. Take your solution of the two 
chlorides and add a little more hydro- 
choric acid just to make certain that 
the acid will be in excess. Next, bub- 
ble a stream of hydrogen sulfide gas 
into the solution. (The hydrogen sul- 
fide is generated by the action of di- 
lute HCl on iron sulfide). Or, if you 
prefer, add a solution of sodium sul- 


Tue CuHemistry We Use 








Saeed 


ncn ache htaccess 


























yw ob =D 


‘ne 





yu 


—~ 


fide. Copper sulfide will be obtained 
as a black precipitate. Filter it off 
and again add sulfide to the filtrate. 
No doubt additional copper sulfide 
will be precipitated. Filter the second 
time and combine the precipitates. 
Save the filtrate, which should be 
nickel chloride. 

Of course we do not want copper 
in the form of the sulfide. So let’s get 
it back to the chloride again. This is 
done by dissolving the sulfide in con- 
centrated hydrochloric acid. It will 
dissolve with difficulty and you will 
have to coax it along, using heat if 
necessary. Dissolve as much as you 
can; then filter. 

Now we have a solution of copper 
chloride and a solution of nickel 
chloride (we hope). Pour some of the 
copper chloride in a watch glass and 
drop a clean nail into the solution. 
It will soon be covered with pure 
copper, displaced by the more active 
iron. 







You can easily verify the presence 
of nickel in your nickel chloride solu- 
tion by adding a few drops of 
dimethylglyoxime solution. This fa- 
mous “nickel-testing” reagent forms a 
scarlet red precipitate even in very 
dilute solutions of nickel. 

Now if you feel ambitious, you can 
actually obtain the metal. Add sodium 
hydroxide to a portion of your nickel 
chloride solution. Filter off the nickel 
hydroxide, dry, and heat strongly to 
obtain black nickel oxide. Transfer 
this to a charcoal block and heat 
strongly in the reducing portion of a 
blowpipe flame. Examine the residue 
carefully for minute traces of metal. 
If it is nickel, 
a magnet. 

* Well, this experiment has cost you 
at least one good nickel. We hope 
that you have 
worth of enjoyment from it! 


it will be attracted by 


received five cents 


EXPERIMENT 23 


Silver 


> Sitver has been known and sought 
after for many centuries and was 
once considered more valuable than 
gold. Today gold is more valuable, 
but silver is far more useful. It is the 
best conductor of heat and electricity 
known and is one of the most malle- 
able and ductile of all metals. Alloys 
of silver are used extensively to make 
coins, jewelry, tableware, etc. 


The Metal 


It is possible to obtain silver in 
the pure state from an alloy by chem- 
ical means in a fascinating home ex- 
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periment. Place 10 cc. of dilute nitric 
acid in a flask and add a dime or a 
quarter, depending on your financial 
status. Heat the flask gently until 
the entire coin is dissolved, being care- 
ful not to inhale the brown fumes. 
The solution is colored blue by the 
copper in the coin, and consists pri- 
marily of copper nitrate and silver 
nitrate. Add an equal quantity of 
water, mix thoroughly and pour one- 
half of the mixure in an evaporating 
dish. Save the other half of the so- 
lution for use later on. 




















































































































































































































































If you will refer to the electro- 
chemical series of the metals, you will 
note that silver is near the bottom of 
the list. Now the chemistry textbook 
tells us that any metal in this list 
will displace a metal that lies below 
it from solution. The most logical 
metal for us to use would be copper; 
if we used any metal above copper, 
copper itself would be displaced along 
with silver. 

Take a copper coin and clean it 
thoroughly by rubbing with a dilute 
solution of acetic acid or vinegar. 
(This experiment is running into 
money!) Place the clean coin in the 
solution in the evaporating dish and 
let stand for a while. 

Mercury is above silver in the elec- 
trochemical series and it can also be 
used to displace silver. This time, use 
a solution of pure silver nitrate. Add 
a small globule of mercury and let it 
stand. Soon you notice crystals of 
silver “growing” on the mercury. 

Now let us go back to our copper 
coin. By this time sparkling white 
crystals of silver tinted blue by the 
solution will have formed. Remove 
the coin carefully; wash and dry the 
crystals. If you wish to obtain a co- 
herent mass of silver, you can do so 
by melting the crystals. Silver melts at 
960°. If you have difficulty in reach- 
ing this temperature, we suggest you 
try using a blowpipe. Place a few 
crystals in a small shallow container, 
such as a porcelain crucible lid. Grasp 
the lid with crucible tongs and point 
the flame from the blowpipe directly 
upon the crystals. Then blow, brother 
blow! Create a steady flame, keeping 
your cheeks inflated. Finally when 
you are just about ready to give up, 
the mass will lose shape and a shim- 
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mering white liquid of molten silver 
will form. Pouring this into a large 
container of water will produce small 
white balls of pure silver. 


Its Compounds 

When the Creator assembled this 
world of ours from some 92 odd sub- 
stances, He imparted to the com- 
pounds of silver a rather unique prop- 
erty—sensitivity to light! For hun- 
dreds of years man used metallic 
silver, never realizing that the com. 
pounds of this metal were as valu- 
able as the metal itself. For upon this 
seemingly unimportant property the 
entire photographic industry depends! 

You can demonstrate the action of 
light upon silver compounds in a 
striking manner. To the second half 
of the dissolved coin solution pre- 
pared earlier, add a solution of so- 
dium chloride. A thick, white pre- 
cipitate of silver chloride forms, Filt- 
er and wash the precipitate thorough- 
ly with water. Next open the filter 
paper flat and spread the precipitate 
evenly over it. Lay a hard object, 
such as a coin, key or nail on the sur- 
face of the silver chloride. Now ig- 
nite about 2 or 3 inches of magne- 
sium ribbon and hold it directly above 
the object. After exposure to this 
brilliant light, the white compound 
will gradually darken, passing through 
various shades of pink, red and vio- 
let. If the object is now carefully re- 
moved, its image will remain as a 
white design imbedded in_ violet. 
Wherever light does not reach, the 
silver compound remains white. 

If sodium hydroxide be added to 
silver nitrate solution, the brown 
muddy precipitate of silver oxide is 
formed. (The hydroxide of silver is 
not stable.) If this oxide is filtered off 
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and heated, it rapidly decomposes 
leaving a residue of metallic silver. 
Silver oxide combined with an organic 
protein preparation 
known antiseptic, 


forms the well- 
Argyrol. 

The compounds of silver are varied 
in color. Add a little silver nitrate 
solution to solutions of potassium io- 
dide (pale yellow); sodium sulfide 
(black); potassium chromate (brick- 


red); sodium phosphate (tan); and 
potassium ferricyanide (orange). 

Silver nitrate is used in medicine 
as an antiseptic and germicide. Which 
reminds us of the story of Mrs. Van 
Rich. She brought her son to the 
doctor who advised that he would 
treat the ailment with nitrate of silver. 

“Oh, Doctor,” pleaded Mrs. Van 
Rich, “please use nitrate of gold. Ex- 
pense is no matter.” 


EXPERIMENT 24 


Gold 


> Pernaps no other metal has played 
such an important part in the destiny 
of man as has gold. For centuries it 
has stood as a barometer of wealth 
and nobility. To secure it, men have 
fought, suffered and died. Countries 
have been founded through the search 
for it; kingdoms have been lost be- 
cause of it. 


Why? 


Well, we can supply three reasons. 
Value. Beauty. Permanence. Obvious- 
ly, there is a limited supply of the 


metal available which increases its 
value. The fact that it is usually found 
free in nature makes it easy to mine— 
if you can find it. That it is attractive, 
we cannot deny. There are very few 
people who do not appreciate the 
warm, shining yellow beauty of gold. 
(We would greatly appreciate having 
some). And, finally, its appearance is 
quite permanent. Aluminum becomes 
dull; iron rusts, copper corrodes, silver 
tarnishes, but gold remains the same. 
(Although, it must be dusted oc- 
casionally). 
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The Metal 


Despite our glowing words above, 
metallic gold has very few practical 
uses. It is really a metal to be looked 
at, not to be used. About its only use 
at present is in the manufacture of 
jewelry. And even then it must be 
alloyed with other metals, usually cop- 
per or silver, as it is too soft to be used 
in the pure state. 

In jewelry, the purity of gold is ex- 
pressed in carats. A carat indicates the 
number of parts of gold in 24 parts of 
metal. For examp!e, a 14-carat piece 
would be 14/24 gold and 10/24 other 
metals. Expressed in percentages, it 
would be 58-1/3% gold and 41-2/3% 
other metal. An 18<arat piece would 
contain 75% gold (18/24). The gold 
currency formerly used in the United 
States was 90% gold, or 21.6 carats. 
And, of course, any 24-carat piece 
would be solid gold. 

Now, how much of this experi- 
menting you can do will depend on 
how much gold you can secure. Per- 
haps you can find some bits of dis- 
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carded gold jewelry around the house 
—maybe an earring, or a link from a 
watch band, or a few unused wedding 
rings. 


Gold is inactive and is not attacked 
by oxygen or ordinary acids. It does, 
however, react readily with chlorine 
to form gold (auric) chloride, AuCls. 
Thus we can dissolve it in aqua regia 
or chlorine water, both of which sup- 
ply chlorine. 


Prepare aqua regia by mixing to- 
gether one part of nitric acid with 3 
parts of hydrochloric acid. Drop in 
the gold piece and warm the solution 
to get the action started. After the 
metal is dissolved, filter the solution. 
Your filtrate will most likely be an 
acid solution of the chlorides of cop- 
per and gold. If there was any silver 
in your metal, it will have been filter- 
ed off, as silver is not readily attacked 
by chlorine and even if it is, the re- 
sultant silver chloride is insoluble in 
water. 


To obtain a neutral solution of the 
mixed chlorides, evaporate the filtrate 
to dryness and dissolve the solid thus 
obtained in water. The gold may be 
separated from this solution by add- 
ing a solution of ferrous sulfate, which 
reduces the gold chloride to metallic 
gold but does not affect the copper 
chloride, The reduction is accom- 
plished as follows: AuClz + 3FeSO, 
> Au + Feo(SO4)3 + FeCls. The 
precipitated gold is usually brown or 
black. Filter off the precipitate, scrape 
into an evaporating dish and heat to 
obtain the ordinary yellow color. Gold 
melts at 1063 degrees. If you want to 
try to melt the finely divided powder 
into a coherent mass, you might try 
using a blowpipe. 
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The Compounds 


To obtain a relatively pure solution 
of gold chloride, dissolve some of the 
pure metal obtained above in aqua 
regia. Evaporate to dryness to secure 
the dark orange-red crystals. Finally, 
dissolve these crystals in distilled 
water. 


Add a solution of stannous chloride 
to a dilute solution of auric chloride, 
just prepared. The “Purple of Cassius” 
precipitate will be formed. This is a 
delicate test for gold. So, if any of 
your friends want to make certain that 
an item of their jewelry actually con- 
tains gold, you can confirm it simply 
by dissolving the jewelry in aqua regia 
and applying the above test. 

Another test is the orange precipi- 
tate formed by adding potassium thio- 
cyanate to gold chloride and gently 
warming. 


If auric chloride crystals are heated 
gently, aurous chloride, AuCl, is ob- 
tained. When this powder is heated 
strongly, metallic gold remains and 
chlorine is evolved. 


Oxalic acid will reduce gold chlor- 
ide solution to metallic gold. The 
solution must be neutral and the ac- 
tion is hastened by the presence of 
ammonium oxalate. The metal sepa- 
rates in metallic flakes or will form 
a golden mirror on the side of the 
tube: 2AuCls + 3HeCoO, > 2Au + 
6CO, + 6HCI. 

When sodium hydroxide solution is 
added in excess to auric chloride, 
sodium aurate, NaAuQOs, is obtained. 

Magnesium hydroxide added to 
auric chloride will form the orange 
hydroxide, Au(OH);. This can be 
filtered, dried, and carefully heated to 
100 degrees to obtain auric oxide, 
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Au2O3, a brown powder. Further 
heating will give the purple aurous 
oxide, AueO. Still further heating will 
result in metallic gold and oxygen is 
evolved. 


Rather unusual reactions are ob- 
tained with potassium iodide. Add 
potassium iodide solution to auric 
chloride in small portions, keeping the 
latter always in excess. A yellow pre- 
cipitate of aurous iodide, Aul, is 
formed, soluble in excess of the iodide. 
But if you reverse the procedure by 
adding the auric chloride to the potas- 
sium iodide and keeping the sodide in 


excess; a dark green solution of potas- 
sium-auric-iodide, KIAulIs, forms fol- 
lowed by a dark green precipitate of 
auric iodide, Auls, which is unstable 
and changes to the yellow aurous 
iodide. 

Well, at this point the experiment 
is becoming too expensive for us, so 
we must stop. 

At least there is one consolation. 
You can save all of your solutions and 
change all compounds back to metallic 
gold simply by applying strong heat. 
Thus all of the gold you have used 
can be recovered again. (It says here). 
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CHAPTER VII 


The Drugs We Take 


> One oF the most comforting aspects 
of chemical research is the progress 
which has been made in the pharma- 
ceutical field. Consider aspirin. The 
chemist has produced it in large quan- 
tities with the subsequent low prices 
that make it available to everyone. 
Aspirin is so common that we take 
it for granted, but, as you can imagine, 
it would be greatly missed if we did 
not have it. 


Consider the many anesthetics 
available today. We need not remind 
you of the tragic consequences if 
anesthesia were not possible. 

Let us investigate the preparation 
and properties of a few important 
chemicals which are used in medicine. 
Although we cannot consider iodine 
as a “drug,” we will include it here as 
an element because of its 
antiseptic properties, 


familiar 


EXPERIMENT 25 


Aspirin 


> Unpovsrepvy the most popular and 
most widely used drug of its kind, 
aspirin has been used to relieve dis- 
comfort and pain since 1900... so 
we read on the label of the aspirin 
bottle. Chemically known as acetyl- 
salicylic acid, it acts as an analgesic 
which removes pain, and as an anti- 
pyretic which reduces the body tem- 
perature. Thus it finds use in the 
treatment of rheumatism, arthritis, in- 
fluenza, neuralgia, tonsillitis, neuritis, 
fevers, lumbago, and, of course, head- 
ache. 


Preparation of Aspirin 

You can prepare aspirin without 
too much difficulty in the home lab for 
demonstration purposes. However, for 
practical purposes we recommend 
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purchasing the aspirin from the drug 
store. 

Carefu'ly mix together 2 cc. of 
acetic anhydride and 2 cc. of acetic 
acid. Pour the mixture into a small 
flask and add 2 grams of salicylic 
acid. Boil the solution gently for 
about ten minutes. What we are do- 
ing here is simply adding a dash of 
“acetyl” to the salicylic acid thus pro- 
ducing acetylsalicylic acid. Pour the 
hot solution into a beaker of cool 
water, whereupon the aspirin will 
crystallize out of solution. 

Test for Purity 

If you add a few drops of ferric 
chloride solution to a solution of sali- 
cylic acid you will notice a deep 
violet coloration. Pure aspirin does 
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not give this coloration thereby pro- 
viding a convenient test to determine 
the purity of your product. Filter off 
the solution, carefully dry the crystals, 
and recrystallize from hot water. Re- 
peat this operation several times, then 
test with ferric chloride solution. It 
is rather difficult to remove all traces 
of salicylic acid from the aspirin pro- 
duced by this method. If you insist 
on a purer product, however, dry the 
crystals again thoroughly and dissolve 
in benzene. Filter and allow the fil- 
trate to evaporate. (Do not heat). 
After the liquid has evaporated, dis- 
solve a few of the crystals in warm 
water and add a drop of ferric chlo- 
ride solution. By this time your pa- 
tience is probably exhausted, so let 
us proceed to another phase of our 
investigation of aspirin. 
Salicylic Acid from Aspirin 
We can also work in reverse and, 
using aspirin as the starting point, pre- 
pare salicylic acid. Grind an aspirin 
tablet to a fine powder and dissolve 
a portion of it in warm water. If the 
aspirin is entirely free of salicylic acid, 
ferric chloride should give no colora- 
tion. Add 10 cc. of sodium hydroxide 
solution to an equal quantity of the as- 
pirin solution and boil the mixture for 
5 or 10 minutes. The alkali converts 
the acetylsalicylic acid into sodium 
salicylate and sodium acetate: CHs;- 
COOC,H,;COOH + 2NaOH > CH;- 
COONa + HOC,;,H,yCOONa + H:0O. 
Allow the solution to cool, then add 
dilute sulfuric acid. Salicylic acid will 
be precipitated. Filter off the solution, 
recrystallize from hot water and again 
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add a few drops of ferric chloride so- 
lution. Tattle-tale violet will identify 
the product! 

The sodium salt of salicylic acid is 
also used in medicine. However, it is 
absorbed so readily in the stomach 
with resultant nausea, that other deri- 
vatives without this disadvantage are 
preferred. The phenyl ester of sali- 
cylic acid is such a derivative, known 
commonly as salol. Salo! is used in the 
treatment of diarrhea, dysentery, ty- 
phoid fever, etc. 


Oil of Wintergreen from Aspirin 

Another salicylic derivative used in 
medicine is methyl salicylate, alias syn- 
thetic oil of wintergreen, betula oil, 
sweet birch, or teaberry oil. It is 
widely used in ointments and rubbing 
compounds for treatment of rheuma- 
tism, arthritis, lumbago, and similar 
disorders. 

Grind another aspirin tablet to a 
powder and place in a dry test tube. 
Add 2 cc. of methyl alcohol and then, 
cautiously, 2 cc. of con. sulfuric acid. 
Warm the tube gently for a few min- 
utes. You will soon recognize the 
odor of wintergreen. 


Salicylate Test 

The above reaction provides a good 
test for aspirin and salicylates. Many 
drugs are composed chiefly of aspirin 
and sold under numerous trade 
names. If you have any tablets that 
you suspect may be aspirin you can 
perform the test as described above. 
Whenever testing strange compounds, 
you must remember to use very small 
quantities and, of course, keep your 
face away from the mouth of the tube. 
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EXPERIMENT 26 


Acetanilide 


> Tue practicaL home chemist will 
utilize those reagents he has, to pre- 
pare others which he does not possess. 
In this way he can gradually increase 
his stock of reagents as well as his 
knowledge of chemical reactions. 


Acetanilide is one such compound 
that can be prepared easily, purified 
and bottled for future use. And no 
doubt you will find it useful, as it is 
important in the formation of many 
other organic compounds, in the 
manufacture of synthetic dyes, and in 
pharmaceutical preparations. 
Preparation 

The process used in the preparation 
of acetanilide is known as acetylation, 
which is simply replacing the reactive 
H atom of aniline with the acetyl 
radical. This is usually accomplished 
by reaction with acetic acid. Alcohols, 
phenols, primary and secondary 
amines are capable of direct acetyla- 
tion. In the preparation of aspirin, 
we described the acetylation of an 
acid, (Salicylic acid.) Now we are 
concerned with the acetylation of an 
amine, aniline. 


Mix together 5 cc. each of glacial 
acetic acid and acetic anhydride. Now 
carefully add 5 cc. of aniline in small 
portions, shaking after each addition. 
For best results the aniline should be 
colorless. If your aniline is colored 
brown, due to exposure to air and 
light, then distil it immediately before 
using. Use caution in distilling, as 
aniline is flammable and poisonous. 


Place the mixture of the three A’s 
into a large flask and apply gentle 
heat. Allow the liquid to boil for 
thirty minutes. After this time, pour 
the hot liquid into a large beaker of 
cold water, stirring rapidly. The acet- 
anilide crystallizes out in such pro- 
fusion and rapidity that it is a joy to 
behold. Would that some other com- 
pounds would crystallize as easily! 


Acetic anhydride was added to 
hasten the reaction. However, acetani- 
lide can be prepared by using acetic 
acid alone. Mix together 10 cc. of 
aniline with 12 cc. of glacial acetic 
acid. Place in a large Florence flask. 
Apply heat and allow to boil gently 
for about five or six hours. (If you 
have a long air-cooled reflux condens- 
er, you can hasten the reaction by fit- 
ting it to the flask.) Then proceed as 
before, pouring the hot liquid into 
cold water. 


Purification 


When you prepare compounds that 
you intend to keep, it is essential that 
they be as pure as possible. 


Drain the water from the acetani- 
lide crystals, and add about 50 cc. 
of hot water to them. Bring the solu- 
tion to boiling, when the acetanilide 
will melt to a heavy oil. Continue to 
add small portions of hot water until 
the acetanilide is completely dissolved. 
Then immediately add about one 
gram of decolorizing charcoal, and 
boil again for about ten minutes. 
Finally, heat a glass funnel by invert- 
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ing on a steam bath. Dry quickly, add 
a fluted filter and pour the hot solu- 
tion through the Aor funnel, allowing 
the filtrate to drop in a clean beaker. 
It is important to keep the solution 
hot at all times or else the acetanilide 
will crystallize out before it is filtered. 
The filtrate in the beaker is now cool- 
ed; the crystals are filtered off, washed 
with cold water, and dried by spread- 
ing them out on a sheet of absorbent 
paper, such as a blotter or paper towel. 
When thoroughly dry, place the crys- 
tals in a clean bottle, labe! “ACET- 
ANILIDE,” with the formula, CgH;- 
NHCOCHs, and the date of prepara- 
tion. 


Reactions 

Detection: If acetanilide be added to 
dilute chlorinated lime solution and a 
small crystal of carbolic acid added, a 
light blue color develops. 


Dissolved in HCl, acetanilide pro- 
duces a light green color when a drop 
of potassium permanganate solution 
is added. 


Odor of Strawberries: Mix a small 
quantity of acetanilide with an equal 
quantity of boric acid. Fuse the mix- 
ture until it turns yellow. Allow to 
cool slightly, then moisten with a lit- 
tle water. With a little imagination, 
you will be able to detect an odor 
similar to that of strawberries. 


Uses 


Acetanilide is used widely in medi- 
cine under the name, antifebrin. Like 
aspirin, it is helpful in relieving pain 
in headache, neuralgia, sciatica, etc. 
Externally, it is used as an antiseptic 
dusting powder. It is added to many 
commercial preparations of hydrogen 
peroxide as a stabilizer. 


EXPERIMENT 27 


Caffeine 


> Carreine belongs to a group of 
compounds known as the “methylated 
xanthines.” Theophylline, theobrom- 
ine, and caffeine are the most com- 
mon compounds of the group found 
in nature. Of course, caffeine is the 
best known because of its presence in 
coffee, tea, and in certain cola bever- 
ages. Theobromine is found in cacao 
beans from which cocoa and chocolate 
are obtained. Theophylline occurs in 
tea. 

All three compounds are diuretics, 
that is, they tend to increase the pro- 
duction and discharge of urine. Per- 
haps you have been aware of this 
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property after drinking several cups of 
strong coffee or tea. In addition, caf- 
feine is also a heart stimulant, causing 
muscular contraction and _ lessening 
fatigue. Actually there is some truth 
to the popular belief that coffee keeps 
one awake. On the other hand, large 
quantities will have the opposite effect, 
causing nervous and muscular irrit 
ability. An average cup of coffee con- 
tains from 1% to 3 grains of caffeine. 

In the home lab, caffeine is most 
easily obtained from tea, in which it 
is present to the extent of 13 to 33 
per cent. 


53 





CH3N—CO 
1 oi 

OC C—N-CHs 
1 oil ‘CH 


CH3N-C—-N~ 


> Srructura, formula of caffeine. 


Place 8 grams of tea leaves in 400 
cc. of water in a large flask. Boil the 
solution for at least 15 minutes; then 
filter off the leaves. This is quite a 
strong brew of tea, and in addition 
to caffeine it contains a considerable 
quantity of tannic acid. You can prove 
the existence of the latter by pouring 
a few drops of the tea into a solution 
of ferric chloride (or ferric ammonium 
sulfate). A dark bluish b!ack precip- 
itate is formed. 

However, we are not interested in 
the tannic acid and our problem now 
is to get rid of it. To do so, add a sol- 
ution of lead acetate to the tea. Add 
in small quantities and continue add- 
ing until no further precipitation oc- 
curs. Then filter. Evaporate the fil- 
trate to about 25 cc. If the solution 
becomes cloudy, filter again. 


Now we have a solution of caffeine 
and our next problem is to separate 
it from that solution. This can be ac- 
complished by the addition of 20 cc. 
of chloroform. Caffeine is more read- 
ily soluble in chloroform than in 
water. Shake the solution and allow 
to stand. When the layers separate, 
carefully pour off the aqueous layer. 
Pour the chloroform layer into an 
evaporating dish and set in a warm 
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place. Upon evaporation of the chlor- 
oform, white silky crystals of caffeine 
remain. 


To determine whether the residue 
is actually caffeine, we shall apply a 
few simple tests. 


Add a few crystals of potassium fer- 
ricyanide to dilute nitric acid. Add 
this to a small quantity of an aqueous 
solution of caffeine. Heat to boiling. 
The presence of caffeine is indicated 
by the formation of a dark blue pre- 
cipitate (Prussian blue). 


The murexide reaction is a common 
test for caffeine. Place a few small 
crystals of caffeine in an evaporating 
dish and add 1 cc. of concentrated 
nitric acid. Stir with a glass rod, and 
evaporate the solution to dryness by 
warming gently. Allow to cool. The 
residue should be yellow. If a few 
drops of ammonia be added, a purple- 
red color develops. 


Caffeine can be obtained from 
theobromine by treating its silver salt 
with methyl iodide. It is also obtain- 
able from uric acid. By complete 
methylation, uric acid is converted to 
1,3,7,9-tetramethyluric acid which in 
turn is demethylated by heating with 
phosphorous oxychloride to form 1,3,7- 
trimethyl-8-chloroxanthine. This is re- 
duced to caffeine with hydriodic acid. 
Now you know why we recommend 
extraction of caffeine from tea. 


The habitual use of coffee to stay 
awake in order to do homework is 
not desirable, as this may lead to 
nervous exhaustion. It must be re- 
membered that caffeine is an alkaloid 
and can be habit forming. 


We ask that you excuse us now; we 
must leave to get our cup of coffee. 
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EXPERIMENT 28 


Anesthesia 


> Ir HAs BEEN sap that the first opera- 
tion with anesthesia was performed 
upon Adam in the Garden of Eden: 

“And the Lord God caused a deep 
sleep to fall upon Adam, and he slept: 
and He took one of his ribs, and 
closed up the flesh instead thereof.. . .” 
(Genesis 2:21). 

Despite this indication of antiquity, 
our modern practice of anesthesia with 
anesthetics is of fairly recent origin. 
Not too many years ago in order to 
undergo an operation the patient was 
simply tied securely to a table and 
forced to bear the severe pain, being 
conscious during the entire proce- 
dure. 

Perhaps the first anesthetic to be 
recognized as such was nitrous oxide, 


when Sir Humphry Davy first ob- 
served that it was “capable of destroy- 
ing physical pain.” In 1844 it was em- 
ployed as an anesthetic in dentistry by 


Horace Wells of Hartford, Conn. 
However it was not entirely success- 
ful, and when a death resulted from 
its use, Wells was forced to abandon 
nitrous oxide as an anesthetic. 

Ether was first used for anesthesia 
in dental surgery by Dr. William 
Morton, a friend of Wells, (1846). He 
was so pleased with the result, that 
he immediately urged its use for other 
types of surgical operations. In a dem- 
onstrative operation, he finally suc- 
ceeded in convincing skeptical doc- 
tors of its value as an anesthetic. 


Ether 


The preparation of ether is one of 
the oldest of organic reactions. It is 
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formed readily by heating together 
equal quantities of ethyl alcohol and 
sulfuric acid. Place about 10 drops of 
each liquid in a test tube. Warm 
gently for a few moments and you will 
soon be able to recognize the familiar 
odor of the ether. 


C.H;OH + H2SO,; > 
C,H;OSO.OH + H.O. 
This then reacts further with alco- 
hol to form ether and surfuric acid: 
C.H;0SO.0OH + CsH;OH > 
(CoH;)20 + HeSO,. 


Commercially, the mixture is dis- 
tilled at a temperature of 130° C., 
and since the surfuric acid is regen- 
erated, only alcohol is added from 
time to time. In this way a small 
quantity of sulfuric acid is utilized in 
converting large quantities of alcohol 
into ether. 

Great care must be used in distilling 
ether. Not only is the liquid readily 
flammable, but its vapor forms with 
air a heavy and highly explosive mix- 
ture. This mixture is capable of 
drifting considerable distances and of 
still exploding upon contact with an 
open flame. 


Chloroform 


Soon after the introduction of ether 
as an anesthetic, chloroform was dis- 
covered to have similar properties and 
was also used in anesthesia. Although 
it has an advantage of not burning or 
exploding, chloroform is not as safe 
as ether because of poisonous effects. 
On exposure to light and air, chloro- 
form undergoes oxidation forming the 
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poisonous phosgene. This can be pre- 
vented by the addition of alcohol 
which converts the phosgene into 
harmless diethyl carbonate. 

To prepare chloroform, place 5 
grams of bleaching powder in a flask. 
Add 20 cc. of water and stir the mix- 
ture. Mix together 1 cc. of acetone 
with 3 cc. of water and add in small 
portions to the mixture in the flask. 
Shake the flask thoroughly after each 
addition. When all has been added, 
connect a stopper and tube to the 
flask. Lead the tube to a vessel ex- 
ternally cooled. Warm the flask gent- 
ly. Chloroform will distill over and 
condense in the receiving vessel. It 
boils at 61°. You will no doubt recog- 
nize its characteristic sweetish odor. 

Chloroform can also be formed by 
reducing carbon tetrachloride with 
nascent hydrogen. 


Other Anesthetics 


Now, if you haven’t put yourself to 
sleep yet, we will briefly discuss a few 
other anesthetics. 

Cocaine—First used for local anes- 
thesia in 1879. It is found in coca 


leaves and is now used as the hydro- 
chloride, Cjz7H21;04N:'HCL1. Since it is 
habit-forming and somewhat toxic, its 
use is being replaced by other drugs. 


Novocaine — (Procaine Hydrochlo- 
ride )—A synthetic drug used in place 
of cocaine as it is less toxic, C13 H29Oo- 
Nz HCl. Prepared by esterifying p- 
nitrobenzoic acid with diethylamino- 
ethanol and reducing. 


Ethylene—CoH,y, used as inhalation 
anesthetic. Almost devoid of unpleas- 
ant after-effects. 


Ethylene Dichloride — CH2C1: 
CH2Cl, can be used as chloroform, 
but is somewhat dangerous. 


Ideal Properties 


Ether is still the most widely used 
anesthetic despite some disadvantages. 
Perhaps some day some one will dis- 
cover a new anesthetic—one which 
will not burn or explode, have no ir- 
ritating fumes or obnoxious odor, be 
easily administered with no unpleas- 
ant after-effects, safe, cheap and read- 
ily available. Here is a challenge to a 
future scientist! 


EXPERIMENT 29 


Iodine 


> loping, the most beautiful and most 
gentle member of the halogen family, 
first saw the light of day in 1811 when 
it was isolated by Bernard Courtois 
from the mother liquor obtained from 
algae. Upon adding an excess of sul- 
furic acid to a concentrated portion of 
the liquor which he prepared by ex- 
tracting the ashes of marine plants 
with water, Courtois was no doubt 
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greatly surprised to see lovely clouds 
of deep violet vapor arising from the 
liquid. He found that this vapor 
would condense to form dark lustrous 
crystals, and that these crystals would 
combine directly with certain metals, 
with phosphorus and with hydrogen. 
Later investigation by Gay-Lussac 
proved the substance to be a new ele- 
ment and it was christened iodine, 
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from the Greek word meaning “like 
a violet.” 

To prepare iodine, mix together 2 
grams potassium iodide and 3 grams 
manganese dioxide. Transfer the mix- 
ture to a small beaker and add 10 cc. 
of dilute sulfuric acid. Gentle heat 
will produce clouds of violet iodine 
vapor. Place a flask of cold water over 
the beaker, or cover the beaker par- 
tially with an evaporating dish. Crys- 
tals of iodine will form on the bottom 
of the flask or dish. The iodine passes 
from the gaseous state directly to the 
solid state. This process is known as 
sublimation. Scrape the crystals off 
and dry them on blotting or filter 
paper. 

To the average person iodine is 
known only in the form of the tinc- 
ture, used as an antiseptic, which is 
a solution of iodine in alcohol. The 
medicine-cabinet variety usually con- 
tains 2% iodine. Although some 
people prefer the bright red of Mer- 
curochrome to the brown of iodine, 
the latter’s efficiency as an antiseptic 
cannot be denied. 

Iodine will also dissolve in carbon 
tetrachloride or disulfide, forming a 
violet solution. 

Another antiseptic compound of 
iodine is iodoform, CHI, a yellow 
powder with a characteristic “anti- 
septic” odor. Dissolve iodine crystals 
in potassium iodide solution until the 
liquid is dark brown in color. Add 
5 cc. of this solution to an equal 
amount of alcohol. Now add sodium 
hydroxide solution in small propor- 
tions until the brown color disap- 
pears. Upon heating a few minutes 
and then cooling, a yellow precipitate 
of iodoform will separate out. 

Another and perhaps better method 
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COLD WATER 


> SUBLIMATION of iodine. 


of preparing iodoform is by dissolv- 
ing 1 gram of potassium iodide in 
20 cc. of water and adding | cc. of 
acetone. To this mixture add a dilute 
solution of sodium hypochlorite (you 
can use “Chlorox” from the grocery 
store). The yellow precipitate of iodo 
form is immediately formed. 

The direct combination of iodine 
and phosphorus forms an exciting 
demonstration as these two elements 
celebrate their union with a spontan- 
eous display of fire. In a large evap 
orating dish, carefully place a very 
small piece of white phosphorus. 
Drop on the phosphorus a few small 
crystals of iodine. Keep your face a 
safe distance away. The mixture will 





suddenly burst into a brilliant flame, 
evolving large clouds of smoke. The 
result of this elaborate performance 
is a red compound, phosphorous tri- 


iodide, PIs. 


With red phosphorous, the action 
is much milder. If water be added to 
the mixture of red phosphorous and 
iodine, hydrogen iodide is formed: 

2P + 3I, > 2PI3. 
Pl, + 3H2O> 3HI + H;PO3. 


Speaking of hydrogen iodide, one 
would suppose it could be formed by 
the addition of sulfuric acid to an 
iodide (similar to hydrogen chloride). 
But such is not the case. Add a little 
sulfuric acid to a few crystals of potas- 
sium iodide in a dry test tube. You 
will notice the violet vapor of iodine 
and if you smell at the mouth of the 
tube you will no doubt recognize the 


delightful aroma of hydrogen sulfide. 
Now how did hydrogen sulfide get 
into the picture? Well, it appears that 
hydrogen iodide was temporarily 
formed, but it, being much less stable 
than hydrogen chloride, is therefore a 
more active reducing agent. And the 
nearest thing around for it to reduce 
is the sulfuric acid, and it promptly 
reduces same to hydrogen sulfide: 
H.SO, + 8HI> H2S + 4H20 + 412 

If you add a solution of sodium 
thiosulfate to a solution of iodine in 
potassium iodide, the brown color 
will entirely disappear. Hence this 
thiosulfate is an effective agent for 
removing iodine stains. You may use 
it to remove any brown stains you 
have acquired on your hands. Of 
course, if you have been a careful 
worker, there will be no stains to re- 
move..... 
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CHAPTER VIII 


The Lesser-Known Elements We Study 


> In THE makeup of many articles we 
use daily are the lesser-known ele- 
ments. They are the workers behind 
the scenes. They do not receive the 
publicity of the “stars,” yet they per- 
form a vital function. We believe you 
will find it interesting to investigate 
the properties of some of the less fa- 
miliar elements. 

Selenium is used in many electrical 
instruments, for making arc lights, in 
telephotographic apparatus, and in 
coloring glass. 

Tungsten is most familiar to us in 
the electric light bulb. But it is also 
vitally important in making tungsten- 
steels for high speed cutting tools and 
for permanent magnets. It is used in 
making spark plugs and other electri- 
cal contact points, in radio, television 
and x-ray tubes. 


Titanium is rapidly finding its 
place in the industrial world. Its com- 
pounds are used extensively in paint. 
The metal is used to impart greater 
tensile strength to steel, and in other 
important alloys. 


Antimony, one of the older “less- 
familiar” elements, is used chiefly in 
alloys, such as type metal, Britannia, 
Babbitt, bullets, etc. 

Fluorine has gained popularity re- 
cently due to the discovery that its 
compounds in drinking water tend to 
lessen tooth decay. It is used in the 
manufacture of many important re- 
frigerants. Uranium isotopes are sep- 
arated by the diffusion process in the 
form of fluorides. 


Cobalt is an important component 
of high-speed and_highly-magnetic 
alloys. 


EXPERIMENT 30 


Selenium 


> Secenium can be purchased at most 
chemical supply houses. It is priced 
about the same as magnesium, and 
using only small quantities will not 
make the cost prohibitive. One ounce 
should be sufficient for the experi- 
ments mentioned here. 

Like sulfur, selenium exists in sev- 
eral allotropic forms. 

Metallic: This is the form in which 
selenium is usually supplied commer- 
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cially, either as lustrous, metal-like 
sticks or as a dark gray powder. Al- 
though termed “metallic,” it must be 
remembered that selenium is a non- 
metal (sulfur family). 


If you can obtain selenium as a 
powder, sift a small quantity of it 
into an open flame. It burns brilliant- 
ly with a bright blue flame forming 
the dioxide which, true to the sulfur 
family tradition, has a disagreeable 
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odor, resembling rotten radishes, of 
all things! 

You can melt the powdered selen- 
ium into a coherent metal-like mass 
by placing it in a porcelain evaporat- 
ing dish and heating. This form of 
selenium is insoluble in carbon di- 


sulfide. 


Vitreous: If you melt selenium in 
an evaporating dish and quickly pour 
the molten mass into a beaker of cold 
water, a brittle, dark brown or black 
mass will be obtained. This is still 
selenium though in another form, and 
still insoluble in carbon disulfide. 


Amorphous: This is a dark red 
powder so different from the metallic 
variety that it is hard to believe it is 
the same substance. We will prepare 
it later on. Incidentally, it is soluble in 
carbon disulfide. 


Colloidal: Obtained as a dark red 
powder. It dissolves in water forming 
a red fluorescent solution. 


Crystalline: Dark red, brown or 
black crystalline powder. 


Selenium Dioxide, SeO. 


Unlike sulfur, the oxide of selenium 
is not a gas but a solid. Usually it is 
obtained in the form of a white crys- 
talline powder. Dilute about 2 cc. of 
nitric acid with an equal quantity of 
water. Add a small amount of selen- 
ium and heat until it is entirely dis- 
solved. The selenium is oxidized by 
the nitric acid forming a solution of 
selenous acid, H2SeO3. To obtain the 
dioxide, evaporate the solution to dry- 
ness. The powder remaining has the 
typical selenium-odor of radishes. 


Now prepare selenous acid again by 
dissolving a portion of the SeOz in hot 
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water. If sulfurous acid be added to 
this solution, the red variety of selen- 
ium will be precipitated: 


H2SeO; + 2H2SO; > 
2H2SO, + H.O + Se 


The precipitate formed is at first 
yellow, then it gradually darkens 
through various shades of orange to 
brick red. The sulfurous acid for this 
reaction may be prepared by adding 
sodium sulfite or bisulfite to a dilute 
solution of hydrochloric acid. 

Hydrogen sulfide will precipitate 
both sulfur and selenium from selen- 
ous acid. Dissolve another portion of 
the solid dioxide in water. You can 
either bubble hydrogen sulfide 
through this solution or add a solu- 
tion of sodium sulfide and avoid the 
disagreeable odor of H2S. The yellow 
precipitate formed will turn red upon 
heating. 


Hydrogen Selenide, H.Se 


Hydrogen forms with selenium a 
colorless gas with an odor of rotten 
horseradish. It is more toxic than HS, 
and must not be inhaled. It is pre- 
pared by adding dilute hydrochloric 
acid to ferrous selenide. The ferrous 
selenide is formed by heating together 
equal quantities of iron filings and 
powdered selenium. 

Lead the Ho2Se into a solution of 
sodium sulfite, and a mixture of sul- 
fur and selenium is _ precipitated. 
Selenides are formed by leading the 
gas into solutions of salts of the met- 
als. Try preparing the selenides of 
lead, silver, copper, nickel, etc. Hy- 
drogen selenide will burn when ig- 
nited and will dissolve in water, 
similarly to H2S. 
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Other Compounds 


No trioxide of selenium is known. 
Selenic acid, H2SeO,, white, hygro- 
scopic crystals, will dissolve in water 
forming a corrosive, acid liquid. It is 
formed in solution by oxidizing silver 
selenite with bromine. 

Selenium oxychloride, SeOCle, is a 
very active and corrosive liquid attack- 
ing many metals. 

Uses of Selenium 

The metallic variety of selenium has 
a very unusual property. It is a fair 
conductor of electricity; however, this 
conductivity is greatly increased by 
light. Perhaps you can set up some 


arrangement in the home lab to dem- 
onstrate this property. This peculiar 
characteristic of selenium is utilized 
in photoelectric cells and _photo- 
meters. 


Added to glass in minute quanti- 
ties, selenium imparts a ruby color, 
familiar in the taillight lenses of 
automobiles. It is also used, similarly 
to sulfur, in vulcanizing rubber. 


Selenium is obtained as a by-product 
during the refining of copper. It is 
not produced in any quantity because 
the demand for it is small. Perhaps 
some day some one will find a greater 
use for it. 


EXPERIMENT 31 


Tungsten 


> THE BRIGHT GLow of tungsten in 


the electric light bulb is familiar to 
all. But less familiar are the many 
other important roles that this valu- 
able metal plays in industry; for it 
acts unseen behind the scenes without 
pomp or glory. It forms extremely 
hard alloys which practically revolu- 
tionized the tool industry. They are 
used in making axles of automobiles 
and steel rails. Other alloys are valu- 
able in electronic devices such as anti- 
cathodes of X-ray tubes, filaments for 
radio tubes, contact points, etc. 

Let us examine this important 
“lesser known” element in more de- 
tail. 


History 


The existence of a new substance 
in certain Swedish minerals was sug- 
gested by Scheele as early as 1781. 
The same substance was discovered 
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in the mineral wolfram by two Span- 
ish chemists, the de Elhuyar brothers. 
In 1783 they succeeded in isolating 
the new metal by heating the sub- 
stance (tungstic acid) with carbon. 

Thus tungsten made its quiet ap- 
pearance and then lay practically for- 
gotten for almost a century before it 
was put to important use. 


Isolation 


The reduction of tungsten trioxide, 
WOs, is not easily accomplished in 
the home laboratory. Carbon or hy- 
drogen could be used, but both re- 
quire extremely high temperatures. 
Perhaps better results can be obtained 
by using metallic sodium as the re- 
ducing agent. 

First, we must obtain the oxide. 
The most common compound of 
tungsten is sodium tungstate and we 
will use it as our starting point. Dis- 
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solve 3 grams of it in 15 cc. of water. 
Add to this a solution of 5 cc. hydro- 
chloric acid in 5 cc. of water. A white 
precipitate of tungstic acid forms 
which rapidly turns yellow. Filter, 
and transfer the precipitate to an 
evaporating dish. Heat gently until 
all water is driven off. Grind the re- 
maining solid to a fine powder in a 
mortar. Finally, heat again strongly 
for about 10 or 15 minutes. The 
powder will turn dark orange but 
will regain its yellow color in cool- 
ing. This is tungsten trioxide, WO3. 
Caution 

Sodium is a powerful reducing 
agent and sometimes dangerous; 
therefore proceed cautiously. Place a 
small quantity of thoroughly dry 
tungsten trioxide in a thoroughly dry 
porcelain crucible. Cut a small piece 
of metallic sodium—ano larger than a 
pea. Clean it, cut into several smaller 
pieces, and drop into the crucible 
with the tungsten trioxide. Imme- 
diately cover the mixture with a layer 
of common salt, about } inch thick. 
Place a loose fitting cover on the 
crucible and apply moderate heat. 
The action should proceed quietly, 
but it is best to place the apparatus 
in a place where no danger will oc- 
cur from flying sparks in the event 
the sodium becomes a bit obstreper- 
ous. Heat for about 15 minutes; then 
let the crucible cool thoroughly be- 
fore removing the cover. When cool, 
carefully shake out the layer of salt. 
The bottom of the crucible will be 
covered with a black, brittle powder 
which, if your experiment was suc- 
cessful, is tungsten. If all the sodium 
has not reacted it will be necessary to 
heat again under the layer of salt. Of 
course you are familiar with the ex- 
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plosive reaction of sodium and water; 
it will not be necessary to caution 
you against the careless use of the 
latter in extracting the metal or 
washing the crucible. As the tungsten 
requires a temperature of 3370 de- 
grees to melt it, we wi'l have to be 
content to leave it in powdered form. 


Identification 


The “blue oxides of tungsten” 
present a characteristic test for the 
presence of that element. Add a little 
hydrochloric acid to a solution of 
sodium tungstate and drop in a small 
piece of zinc. The precipitate formed 
is first white, then yellow, and finally 
passes through various shades of blue. 
The latter color is formed by the re- 
ducing action of the hydrogen bub- 
bling through the solution. If potas- 
sium ferrocyanide be added to the 
acid solution instead of the zinc a 
greenish orange-yellow color is ob- 
tained. Stannous chloride gives a 
white precipitate. 

We have found that the easiest way 
to obtain tungsten is to break an 
electric light bulb. If you can obtain 
such a bulb, it will be interesting to 
verify the composition of the fila- 
ment. We refer to that portion of 
coiled, brittle, white wire suspended 
from wire supports in the center of 


the bulb. 


Our first difficulty is to bring the 
tungsten into solution. It is scarcely 
attacked by acids, even by aqua regia. 
The powdered metal will dissolve in 
boiling KOH solution, but the solid 
metal, as in the filament, will not. 
Our only alternative, then, is fusion 
with alkali. Place one or two grams 
of solid sodium hydroxide in an evap- 
orating dish. Add a small piece of the 
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filament-wire and heat until the solid 
melts and most of the metal is dis- 
solved. Sodium tungstate is formed. 
When cool, dissolve in water. Make 
acid with HCl and add a piece of 
zinc. The blue color betrays the pres- 
ence of tungsten. 

But suppose you have followed in- 


structions and no blue color is ob- 
tained? When you added water to 
the fused alkali, was a white precipi- 
tate formed at first which dissolved 
when more water was added? If so, 
in all probability you have a solution 
of sodium tantalate and your filament 
was not tungsten, but tantalum. 


EXPERIMENT 32 


Titanium 


“ 


. as I did in the case of 
uranium, I shall borrow the name 
for this metallic substance from 
mythology, and in particular 
from the Titans, the first sons of 
the earth. 1 therefore call this new 
metallic genus TITANIUM.” 

Martin Heinrich Klaproth, 1795 


> Titanium is another one of those 
elements usually classified as “rare,” 
but in reality it-is quite plentiful. Ac- 
tually, titanium is tenth in the list of 
more abundant elements. Strange as 
it may seem, titanium is more plenti- 
ful than either carbon or chlorine! 
Despite its abundance, it is still un- 
familiar to most people mainly be- 
cause its usefulness, so far, has been 
limited. Nevertheless, it does have 
some interesting properties, so let us 
become better acquainted. 


History 


Titanium was discovered in 1791 
by an English clergyman, The Rev. 
William McGregor. Mr. McGregor 
suspected the existence of a new sub- 
stance in the minerals obtained from 
his own parish. Although he an- 
nounced his discovery, he did not in- 
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vestigate further and the new element 
was soon forgotten. 


Klaproth resurrected the element 

four years later and it was he who 
named it titanium. 
. Titanium is not found in the ele- 
mental state and it is very difficult to 
isolate. Klaproth, Rose, Vauquelin, 
Wollaston, and others all tried to iso- 
late the metal without success. Ber- 
zelius obtained a black powder by 
reducing potassium fluotitanate with 
potassium, but whether the powder 
contained much titanium is open to 
question. Similarly, in 1849 Wohler 
and Deville obtained a gray metallic 
power which they thought was titan- 
ium, but others claimed the powder 
was a nitride of titanium. 

Finally in 1887, the metal was ob- 
tained 95% pure by Nilson and Pet- 
tersson. They reduced titanium tetra- 
chloride with sodium in an air-tight 
cylinder. Moissan also prepared it in 
his electric furnace. 


M. A. Hunter prepared the purest 


metal (99.9%) in 1910 by heating 
pure titanic chloride with sodium in 
a machine steel bomb. 
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The Metal 


Although we have been referring 
to titanium as a metal, it is actually 
one of those “in-between” elements 
acting as a metal in some of its com- 
pounds and as a non-metal in others. 
It is brittle, silvery-white in appear- 
ance or in the amorphous state is a 
dark gray powder. It melts at 1800 
degrees C. 

As described above, its isolation is 
not accomplished very easily, therefore 
we suggest you purchase the metal 
itself from a chemical supply house. 
Limited production keeps the price 
high, but you will need only a small 
quantity for these experiments. 

Titanium burns with unusual bril- 
liance forming the dioxide and the 
nitride. You can demonstrate this by 
sifting a small quantity of powdered 
titanium into an open flame. Do not 
use too much, as it burns rapidly with 
a blinding white light. 


Its Compounds 


Titanium dissolves in dilute acids 
forming titanous salts. 


Dissolve a few pieces of the metal 
in dilute hydrochloric or sulfuric acid, 
heating if necessary. When as much 
as possible has dissolved, filter the 
solution and evaporate to dryness 
over a gentle heat. 


Titanous chloride (titanium trichlo- 
ride), TiCls, consists of dark violet 
deliquescent crystals soluble in water 
to form a lovely red-violet solution. 
Titanous sulfate (titanium sesquisul- 
fate, Tis(SO,4)3, is a green crystal- 
line powder insoluble in water but 
soluble in dilute HCl or H2SO, giv- 
ing a violet colored solution. These 
salts of titanium act as vigorous re- 
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ducing agents. Evidence of this fact 
can be shown by adding titanous 
chloride solution to a solution of silver 
nitrate; the latter is reduced to metal- 
lic silver which forms as 


a gray 
precipitate. 


If you want to be sure that your 
solution contains titanium, add a small 
quantity of hydrogen peroxide. A yel- 
low color indicates the presence of 
titanium. A yellow color is also form 
ed with oxalic acid. 

Dissolve a few pieces of titanium in 
aqua regia (3 parts HC] and one part 
HNOs). Heat gently to start the re- 
action; it will then proceed of itself 
with vigor. Filter the resu'tant solu- 
tion and evaporate nearly to dryness. 
Then add 20 or 30 cc. of water and to 
this solution add a little ammonium 
hydroxide. A white precipitate of ti 
tanic hydroxide (titanic acid) forms. 
To obtain the dioxide, TiO. filter and 
heat the precipitate to dryness. Apply 
only gentle heat as the compound will 
turn yellow if strongly heated. Titan- 
ium dioxide is an excellent white pig- 
ment used in paints. 


Titanium Tetrachloride 


Titanium tetrachloride, TiCl,, is an 
interesting compound. It absorbs mois- 
ture from the air and evolves dense 
white fumes. With ammonia it is used 
to produce smoke screens. It is formed 
by passing chlorine over a heated mix- 
ture of titanium dioxide and carbon. 
Place a small quantity of manganese 
dioxide and dilute HCI in a test tube. 
Attach a stopper and delivery tube. 
Lead the delivery tube to the bottom 
of another test tube which contains a 
mixture of TiO, and charcoal. Apply 
heat under both tubes. Allow the chlo- 
rine to pass over for about 10 or 15 
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minutes. Then disconnect the appara- 
tus and add a small quantity of cold 
water to the TiOs-charcoal mixture. 
Next pour in a little ammonia and 
observe the smoke screen. 


Future 


Here is an element available in 
plenty, but which has not yet been 
fully put to work. It is gradually be- 
coming more useful and perhaps some 


day someone will find easier methods 
of producing it and other ways of 
using it. Perhaps at some future date 
titanum will be as familiar to every- 


one as aluminum is today. For we 


must remember that not so long ago 


aluminum itself one of those 
“rare” abundant elements, difficult to 
isolate, and for which no use could 
be found! 


was 


EXPERIMENT 33 


Antimony 


> Antimony has been known since 
3000 B.C. Indeed, according to ancient 
historical lore, the Oriental women 
used the metal to beautify their eye- 
brows. And we thought the use of 
cosmetics was a modern trend! 


No one knows who discovered an- 
timony, but the first investigation of 
its properties is accredited to Basil 
Valentine, who wrote a book on the 
subject entitled, “The Triumphal 
Chariot of Antimony.” 


The Metal 


Antimony is found chiefly as the 
mineral stibnite, which is a trisulfide, 
SbeS3. The metal is silvery-white with 

brilliant luster. It is more readily 
available commercially in the form of 
powder, and we shall use this as our 
starting point. 


The metal melts at 630°, and you 
will be able to reach this temperature 
easily with a blowpipe. Place a small 
quantity of the black, powdered anti- 
mony in a small hole in a charcoal 


block. Direct the blowpipe flame on 
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the metal, blowing with inflated 
cheeks to insure a steady flame. Pour 
the melted globule on a sheet of white 
paper. It will break up into several 
miniature balls which will roll over 
the paper in various directions, each 
forming a track of charred paper be- 
hind it. Also, you can observe the 
silvery appearance of the solid metal 
in contrast to the black powder. 


The Trioxide, Sb.O., 


Antimony powder will burn in air 
or oxygen with a bright light to form 
the trioxide. Sift a small quantity of 
the powder into a flame to observe 
this reaction. 

This oxide is also obtained by the 
action of nitric acid on the metal. Add 
a small portion of the powdered metal 
to dilute nitric acid and heat gently. 
Soon a miniature “snowstorm” is 
formed consisting of particles of anti- 
mony trioxide. 


Antimony is one of those annoying 
elements that we call amphoteric, 
meaning that its hydroxide acts either 
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as a base, Sb(OH)s, forming salts 
such as sodium meta-antimonite, 
NaSbOs; or as an acid, H3SbO; form- 
ing compounds such as antimony tri- 
chloride, SbCls. There are several ele- 
ments which act this way just to make 
life confusing for chemistry students. 


Sodium Meta-Antimonite, 
NaSbO. 

Filter off the precipitated trioxide 
and dissolve a small portion of it in 
sodium hydroxide solution, heating if 
necessary. The resulting solution is 
sodium meta-antimonite. It is strong- 
ly hydrolyzed and reacts with water 
to form a solution of sodium hydrox- 
ide and antimonous acid. 


Antimony Trichloride, SbCl, 
By dissolving the trioxide in hydro- 
chloric acid, the trichloride is formed. 
This substance forms large, soft crys- 
tals and is sometimes known as “but- 
ter of antimony.” It is also hydrolyzed 
and reacts with water to form the in- 
soluble antimony oxychloride, SbOCI. 


Antimony Pentachloride, SbCl, 


The pentachloride is formed in a 
fascinating reaction involving the di- 
rect union of the elements. Prepare a 
tall cylinder of chlorine gas. Chlorine 
gas may be generated by heating di- 
lute hydrochloric acid with manganese 
dioxide in a flask to which is attached 
a one-hole stopper and delivery tube. 
Allow the gas to flow through the de- 
livery tube into an empty cylinder. 
When the cylinder is filled, as you 
can observe, cover with a glass plate 
and disconnect the generator. Now, 
remove the plate and sift finely 
powdered antimony into the cylinder 
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of chlorine. As each particle falls it 
will burn with a flash of light. 


Antimony Trisulfide, Sb.S. 


This substance is found in nature as 
a black powder, but can be precipi- 
tated in the laboratory as an orange- 
red powder. To prepare the black 
sulfide, simply heat together equal 
portions of powdered antimony and 
sulfur. When all reaction has ceased, 
remove the mass and powder in a 
mortar. To form the beautiful orange- 
red variety, dissolve a small portion of 
the black sulfide in dilute hydro- 
chloric acid. This forms antimony tri- 
chloride, as prepared previously. Now 
bubble hydrogen sulfide into the solu- 
tion. Gradually the orange-red precipi- 
tate appears. (The hydrogen sulfide 
can be generated by adding dilute 
hydrochloric acid to iron sulfide). 


Antimony Pentasulfide, Sb.S; 


When antimony trisulfide is dis- 
solved in yellow ammonium sulfide, 
the pentasulfide is formed upon the 
addition of acid. Technically, for those 
who are interested, the soluble am- 
monium thioantimonate is first ob- 
tained. Upon addition of acid, thio- 
antimonic acid is formed which rapid- 
ly decomposes and antimony penta- 
sulfide is thrown down as an orange 
precipitate. 


Tartar Emetic 


This well-known compound is ob- 
tained by heating antimony trioxide 
with potassium bitartrate. It is a basic 
salt, K(SbO)CyH4Og, used in medi- 


cine as an emetic and expectorant. 
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EXPERIMENT 34 


Fluorine 


> THE REMARKABLE Activity of fluor- 
ine may be explained by visualizing 
the atom as outlined here. Electrons 
tend to revolve in orbits or groups 
around the nucleus which is assumed 
to contain the protons and neutrons. 
The first group is complete with two 
electrons (E-1); the second group is 
complete with eight electrons (E-2). 
Now atoms tend to react in such a 
manner as to form a complete orbit of 
electrons. You will note that fluorine 
has but seven electrons in its outer 
group and thus is extremely anxious 
to acquire one more to complete the 
orbit group. Hence whenever fluorine 
is set free, it immediately grabs an 
electron from the nearest available 
element. 


History 


> THE IsoLaTion of fluorine, the most 
active of all elements, required many 
long years of dangerous and pains- 
taking research. Davy, Gay-Lussac, 
Thenard, the Knox brothers, Fremy 
and Gore were among the many noted 
chemists who tried unsuccessfully to 
free fluorine from its compounds. Lou- 
yet and Nicklés both succumbed to the 
poisonous vapors of hydrogen fluoride 
and thus died martyrs to science in 
their efforts to obtain the elusive fluor- 
ine. The long search finally ended 
when Moissan liberated the element in 
1886, after many unsuccessful attempts 
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“0 
THE FLUORINE ATOM 
the other 
hand, already has eight electrons in its 


outer group; therefore, it is completely 
satisfied and chemically inert. 


The element neon, on 


and much suffering from inhaling hy- 
drofluoric acid vapors. His method 
consisted of the electrolysis of dry 
potassium bifluoride dissolved in an- 
hydrous hydrofluoric acid cooled to a 
temperature of —23°. He used plat- 
inum-iridium electrodes in a platinum 
U-tube covered with fluospar caps. 


Assuming that the average home 
lab is not equipped with the elaborate 
apparatus necessary for the prepara- 
tion of fluorine, we must confine our 
interests to the properties of the com- 
pounds of fluorine. All fluorides are 
poisonous and therefore must be han- 
dled carefully. Hydrofluoric acid is 





extremely caustic causing painful sores 
if spilled on the skin; its vapor is irri- 
tating and must not be inhaled. 


Etching Glass 


Although hydrofluoric acid is a rela- 
tively weak acid and reacts slowly 
upon metals, it is unique in that it 
reacts readily with silica and silicates: 


CaSiC ds + 6HF> SiF 4 + CaFo+ 3H,O 


Hence it attacks glass, porcelain, clay- 
wares, etc. This property is utilized 
in the etching and frosting of glass 
articles. 


Cover the article to be etched with 
a thin coating of wax. The design or 
lettering is then made by cutting 
through the wax with a sharp instru- 
ment. The hydrofluoric acid vapors 
will attack that portion of the glass 
exposed producing a rough surface. 
Burettes and other glassware are 
graduated in this manner. 


To prepare the hydrofluoric acid, 
mix 1 gram of calcium fluoride with 
enough sulfuric acid to form a thin 
paste. The mixture must be placed in 
a lead dish. Or if you have a few 
platinum or iridium dishes, they may 
be used instead. Now place the wax- 
coated glass over the dish and allow 
to stand overnight. The action can be 
hastened by gently warming the dish, 
but care must be taken not to melt the 
wax and thus spoil the design. After 
sufficient exposure to the acid vapors, 
the wax is removed by melting, leav- 
ing the etched outline of the design on 
the glass. 


Fluosilicates 


When con. sulfuric acid is added to 
a small quantity of a mixture of silica 
and calcium fluoride, silicon tetra- 
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fluoride, a gas, is given off. This gas 
dissolves readily in water forming 
silicic acid and fluosilicic acid. The 
former can be removed by precipita- 
tion leaving the latter in solution: 


3SiF y+ 4H2O> H,SiO,V +2H2SiF 5 


Potassium fluosilicate (or silicofluor- 
ide) is one of the few salts of this 
metal which is insoluble in water. For 
this reason, fluosilicic acid is used in 
analysis. If potassium chloride solution 
be added to the fluosilicic acid, a trans- 
lucent and gelatinous precipitate is 
formed which will be increased by the 
addition of alcohol. 


Organic Fluoro Compounds 


Recently many new fluoro com- 
pounds have been prepared with the 
possibilities of many more yet to be 
investigated. 


One of the most useful of these 
compounds is dichlorodifluoromethane 
(CClaF2), commonly known as 
“freon” which is widely used as a re- 
frigerant. It is ideal for this purpose 
and is rapidly replacing sulfur dioxide, 
ammonia, and methyl chloride in both 
household and commercial refrigera- 
tion. It is stable, non-poisonous, non- 
flammable, non-corrosive and has 
very little odor. It is formed by the 
action of antimony trifluoride on car- 
bon tetrachloride, using antimony pen- 
tachloride as a catalyst. The net result 
of this reaction is the replacement of 
two chlorine atoms in carbon tetra- 
chloride by fluorine: 


3( Cl, + 2SbF;> 3CCloFs + 2SbC ‘ly 


No doubt more fluoro compounds 
will find commercial application as 
research continues. 
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EXPERIMENT 35 


Cobalt 


> ALTHOUGH ISOLATED first in 1735, it 
has been only recently that cobalt has 
found wide use in industrial alloys. It 
forms alloys with chromium which 
are highly resistant to acid corrosion. 
It is an important component of the 
many high-speed steels on the market 
today. As you know, cobalt is mag- 
netic but it also has the unusual prop- 
erty of adding magnetic strength to 
alloys containing it. One example is 
the new alloy, A/nico, which is capa 
ble of lifting over fifty times its own 
weight! You amateur radio experi- 
menters will be familiar with the Al- 
nico magnets used in_ high-fidelity 
loudspeakers. Alnico consists of alu 
minum, nickel and cobalt. You will 
note its name comprises the chemical 
symbols for these three elements. 


The most common compound of 
cobalt is cobaltous chloride, CoCl. 
6H2O, so we will use it as our start- 
ing point. 

Place a few crystals of cobaltous 
chloride in a dry evaporating dish and 
heat gently. Note that the red crystals 
turn deep blue. Allow to cool and add 
water, a few drops at a time. As water 
is added, the blue crystals form a blue 
solution which rapidly turns red. This 
illustrates an important property of 
cobaltous chloride—when dehydrated 
it is blue—with water it is pink. We 


can utilize this property to prepare a 


“sympathetic ink.” Write on a piece 
of paper with a pen dipped in a solu 
tion of cobalt chloride. 


invisible. 


The writing is 
To make it appear, heat the 
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paper gently. When the paper Is €X- 
posed to moist air, the writing disap- 
pears again. This same principle is 
used in toy barometers. A cloth or 
paper is soaked with aaa 
cobalt chloride solution and allowed 
to dry. When the air is dry it appears 
bluish (fair weather), but in moist air 
it turns pink (rainy weather). 


Now prepare a moderately concen- 
trated solution of cobaltous chloride. 
Add a solution of sodium hydroxide. 
The blue precipitate formed at first 
rapidly turns pink. This is cobaltous 
hydroxide, Co(OH)>. (If the precipi 
tate does not turn pink, heat gently 
until it does). Filter it off and scrape 
onto a dry evaporating dish. Apply 
rather strong heat. The powder turns 
black as the oxide, Co;O,, is formed. 
This oxide is known as cobaltosic 
oxide, or cobalto-cobaltic oxide. 


The metal itself is a bit difficult to 
isolate in the home laboratory. How 
ever you may obtain it in a finely 
divided state by reduction of the oxide 
with hydrogen. Set up an apparatus 
as shown in the accompanying dia- 
gram. The finely powdered oxide (as 
prepared above) is placed in the test 
tube. Hydrogen is generated in the 
flask by adding dilute hydrochloric 
acid to zine. Allow the gas to flow 
over the oxide in the test tube for 
three or four minutes. Then start to 
heat the tube as shown. Use extreme 
caution as is always necessary 
working with hydrogen. Use a Pyrex 
hard glass test tube. Keep all flames 


when 
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> Repuction of cobalt from the oxide by means of hydrogen. 


away from the mouth of the tube. Do 
not apply any flame until you are 
pretty sure all of the air in the tube 
has been displaced by the hydrogen. 

Pure cobalt is a silvery-grey malle- 
able metal which is magnetic. It tar- 
nishes very slowly in air. It reacts 
slowly with dilute hydrochloric and 
sulfuric acids. However, it dissolves 
rapidly in nitric acid. 

Cobalt forms many complex com- 
pounds, several of which can be used 
as tests for the metal. For example, if 
ammonium sulfocyanide is added to a 


concentrated cobalt solution, a double 
salt (Co(CNS)22NH,CNS) is form- 
ed. This salt can be dissolved in a mix- 
ture of amyl alcohol and ether to ob- 
tain a beautiful blue solution. 


The yellow potassium cobalt nitrite, 
K;Co(NOz)g¢, is precipitated when a 
mixture of potassium nitrite and di- 
lute acetic acid is added to a cobalt 
solution. In this reaction, nitrous acid 
is liberated which oxidizes the cobalt 
salt. 

Dimethylglyoxime will produce a 
brown coloration. 


- : * > F's 
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> HEREIN WE group a number of mis- 
cellaneous experiments. They did not 
fit well into the preceding categories, 
so we simply include them together 


> Ler us consiper, for a moment, 
crystal of common salt. It is composed 
of sodium ions and chloride ions held 
together by the powerful attraction of 
opposite charge itive and nega- 
tive. When this crystal is dissolved in 
water, the ions are separated and are 
free to combine with other ions that 
may be introduced. If a solution of 
silver nitrate is mixed with a solution 
of sodium chloride, a white precipitate 
is formed immediately, thus illustrat- 
ing the incredible speed of the react- 
ing ions. 

Another example of the speed of 
chemical reactions can be shown read- 
ily in a fascinating experiment. Some- 
times known as the “iodine<lock,” 
this experiment may be familiar to 
you. If so, we ask that you forgive 
repetition for the sake of others who 
have not yet performed it. 

Two solutions are required. Solu- 
tion A is made by dissolving | gram of 
potassium iodate in 500 ml. of water. 





But, you do not have potassium 
iodate? Then, simply manufacture 
your own! Now if potassium chlorate 
can be made by the action of chlorine 
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CHAPTER IX 


Other Materials We Use 


here. They are all interesting and en- 
tertaining and we know you will en- 
joy performing them. 


EXPERIMENT 36 


Speed of a Chemical Reaction 





on potassium hydroxide solution, is 
there any reason why iodine cannot be 
used similarly to produce potassium 
iodate? No reason at all. Add 1 gram 
of iodine crystals to 20 or 30 ce. of 
warm potassium hydroxide solution. 
Heat if necessary to dissolve all the 
crystals. The reaction is: 31, + 6KOH 
> KIO; + SKI + 3H20. You will 
note that potassium iodide (KI) 
also formed. Evaporate the solution 
nearly to dryness; the iodate, being less 
soluble, will crystallize first. Or better 
still, heat to dryness and dissolve the 
entire residue in alcohol (either grain 
or wood alcohol). The iodide will dis- 
solve, leaving the iodate, which can 
be obtained by filtering and carefully 
drying. 

Using another line of thought, if 
potassium iodate is KIOx, is there any 
reason why it cannot be prepared by 
oxidizing potassium iodide—KI? No 
reason at all. Mix a solution of potas 
sium iodide with a solution of potas- 
sium permanganate, the latter in ex 
cess, and heat to boiling for a few min- 
utes. The reaction is: KI + 2KMnQO, 
+ H,O> KIOs + 2KOH + 2MnOdg. 
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Filter off the brown precipitate 
(MnOz) and evaporate the filtrate to 
dryness. Alcohol will dissolve the 
KOH, leaving the iodate. 


Now we are ready for solution B. 
Dissolve 0.2 grams of sodium bisulfite 
in 450 cc. of water. Add to this 3 cc. 
of molar sulfuric acid. (In case you 
have forgotten, a brief explanation 
may be in order. A molar solution con- 
tains one gram-molecular weight of 
the solute in 1 liter of solution. The 
gram-molecular weight of sulfuric 
acid is 98 (Hz = 2; S= 32; O, = 64) 
—therefore 98 grams in 1000 cc. or 
approximately 50 grams in 500 cc. or 
1 gram in 10 cc. represents a molar 
solution. The specific gravity of sul- 
furic acid is 1.84, meaning 1.84 or 
approximately 2 grams occupy | cc.; 
thus 1 gram of acid in 10 cc. would 
be equivalent to 1 cc. of acid in 20 
cc. of solution. Therefore add 1 cc. of 
acid to 20 cc. of water .. . and why 
didn’t we say this in the first place? ). 
Also add 50 cc. of starch suspension, 
made by dissolving 1 gram of starch 
in 50 cc. of hot water. Cool thor- 
oughly before adding. 


Now mix equal quantities of the 
two solutions. After about 20 or 30 
seconds the liquid will suddenly turn 
blue-black without any apparent rea- 
son or cause. This appears rather baf- 
fling to those not acquainted with 
chemistry, which is the reason for the 
popularity of the experiment as a pub- 
lic demonstration stunt. The demon- 
strator, through experience and care- 
ful preparation of solutions, knows 
exactly when the solution will darken 
in color. He places the colorless liquid 
in view of the audience. At the exact 
moment he waves a “magic” wand 
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over the vessel and the colorless solu- 
tion turns black. 
How It Happens 

If you are a true scientist, you will 
want to know why the solution be- 
haves as it does. We shall attempt to 
satisfy your curiosity. 

When the solutions are mixed, iodic 
acid, HIO3, and sulfurous acid, 
H.SO3, are formed which immedi- 
ately react with each other: (1) HIO; 
+ 3H2SO; > HI + 3H2SOxj. As fast 
as the hydriodic acid (HI) is formed, 
it reacts with the unused iodic acid 
present forming free iodine: (2) HIO; 
+ 5HI > 3le + 3H2O. The free 
iodine immediately reacts with any 
unused sulfurous acid to form hydri- 
odic acid again: (3) I, + H2SO,; + 
H.O > 2HI + H2SOy,, and thus the 
cycle continues until all the sulfurous 
acid is used. The free iodine then re- 
mains in solution and with the starch 
forms the intense blue-black color. 
The first reaction is slower than the 
last. The time required for the three 
reactions to reach completion accounts 
for the lapse of time before the change 
of color. The speed of the reactions 
can be increased by concentration or 
by heat. 

With practice and patience, you can 
develop this experiment into an art. 
By diluting or concentrating the solu- 
tions involved you can bring about 
the color change at any time you wish. 

If sodium bisulfite is added to the 
blue solution it will become colorless 
again. The supply of sulfurous acid 
is thereby replenished, and the free 
iodine combines with it (reaction 3 
above). 

This experiment vividly illustrates 
the remarkable regularity and intric- 
acy that exist in the infinitesimal 
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world of ions and molecules! Who 


would think that in the innocent-look- 
ing solution there is a raging inferno 


of reactions—combining and re-com 
bining, crashing and colliding back 
and forth with unimaginable speed! 


EXPERIMENT 37 


Alcohol 


Purpose 


> IN THE PREPARATION of many 
organic compounds, especially those 
of aromatic nature, it is necessary to 
use pure ethyl alcohol. Buy, try and 
get the alcohol! In order to make it 
unfit for human consumption, the 
Government requires that alcohol be 
denatured for industrial use. This is 
usually accomplished by the addition 
of methyl alcohol, pyridine, or other 
petroleum hydrocarbons. And unless 
you are a licensed pharmacist or can 
supply other proof that it is to be used 
scientifically, it is very difficult to pur- 
chase pure, undenatured alcohol. 

In view of the above, the home 
chemist has one alternative, and that 
is to produce his own alcohol. Even 
then he must remember to use his 
product solely for scientific purposes! 
Technicality 

Yeast is composed of living cells, 
which produce biochemical substan- 
ces known as enzymes. One of these 
enzymes, zymase, is responsible for 
the transformation of simple sugars 
(such as dextrose, glucose, levulose, 
etc.) into carbon dioxide and alcohol: 
CeH 1205 > 2C2H;OH + 2COs. The 
more complex sugars, such as sucrose 
(cane sugar), maltose, etc., are first 
changed into the simple sugars by the 
enzyme, invertase, also produced by 
yeast: Cy2H22011 + H»O > 2CeHi2 
Og. The alcohol is then formed 
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before by the action of zymase. There- 
fore, a variety of sugars can be used 
to produce alcohol—cane sugar, mo- 
lasses, corn syrup, dextrose, malt, etc. 


Preparation 


For home preparation, table syrup 
is perhaps the most convenient to use. 
Prepare 500 cc. of solution, using one 
part syrup to three parts water. Dis- 
solve a packet of yeast in warm water 
making a thin paste, and pour into 
the syrup solution. Stir; let stand in 
a warm place for a few days, and let 
Nature do the rest! 

After fermentation has taken place, 
pour off a portion of the liquid being 
careful not to stir up the yeast sedi- 
ment. Transfer to a distilling flask 
and distill the liquid at a temperature 
of about 85°. If you have a Liebig 
condenser, it can be very conveniently 
used for the distillation. If not, a glass 
tube leading to a container externally 
cooled will suffice. A thermometer 
should be inserted through the stopper 
of the distilling flask for temperature 
control, 


Tests 

Perhaps the simplest test is to deter- 
mine whether your alcohol will burn. 
Apply a lighted match to a small 
quantity of the liquid in a watch glass. 
If the match is extinguished, it is 
obvious that the percentage of alcohol 
is not very high. In this case, it is 
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advisable to redistil, being careful not 
to heat too strongly. 

Next, you can perform the acetate 
test. Stir a few cc. of the alcohol with 
an equal quantity of acetic acid (or a 
few crystals of sodium acetate). Add 
a small portion of sulfuric acid and 
warm gently. You will soon recognize 
the fruity odor of ethyl acetate . . 
sometimes referred to as “banana oil,” 
(although banana oil is actually 
isoamyl acetate). 

Finally, you can confirm the above 
by applying the oxidation test. Pre- 
pare a solution of chromic acid by 
adding 1 cc. of con. sulfuric acid to 
5 cc. of a concentrated solution of 
potassium dichromate. Warm gently, 
and add a small quantity of alcohol. 
The chromic acid oxidizes the alcohol 
to acetaldehyde which can be readily 
recognized by its odor. The solution 
turns dark green. 


If you are convinced your product 
is truly alcohol, bottle it and save for 
future experiments. 


Uses 


Industrially, it is used in the manu- 
facture of celluloid films, artificial 
leathers, varnishes, shellacs, and hun- 
dreds of other similar products. 

Commercially, it is sold as a fuel 
and is widely used as an anti-freeze, 
in burners, and as a solvent. 


Medically, it is employed in the 
preparation of ethylene, chloroform, 
ether, iodoform, tinctures, and in nu- 
merous medicines. Externally as a rub- 
bing compound and sterilizing agent. 
Internally, as a stimulant, narcotic and 
stomachic. 

Socially, its use in wines and liq- 
uors is well known. 

Morally, its use is frowned upon 

. “wine is a mocker, strong drink 
is raging: and whosoever is deceived 
thereby is not wise...” 


Solid Alcohol 

You no doubt have heard of 
“canned heat,” which is usually a 
form of solid alcohol. It can be made 
from soap and alcohol, although more 
conveniently in the home lab by using 
calcium acetate. The alcohol should be 
of fairly high concentration (dena- 
tured alcohol can be used in this case). 
Prepare a saturated solution of cal- 
cium acetate and add to it a small 
quantity of alcohol. The solution will 
solidify into a jelly-like mass. Transfer 
a portion of the solid to a watch glass 
and ignite. 


The Green Flame 

Dissolve as much boric acid as pos- 
sible in a small quantity of alcohol, 
heating if necessary. If the alcohol is 
now ignited, it will burn with a green 
flame. 


EXPERIMENT 38 


Soap 


Prologue of Soap Opera 

> Many YEARS Aco in the ancient 
land of Gaul, a long-forgotten war- 
rior made a startling discovery. He 
found that dirt and grease could easily 
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be removed from his hands by wash- 
ing them with wood ashes, of all 
things. As time when on, other mem- 
bers of the tribe improved upon this 
method. Water, wood-ashes and goat’s 
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ta'low were blended together to form 
the first soap, which was later pre- 
pared and used by the Romans. 

And through the years, the art of 
soap-making has gradually progressed 
to the highly specialized industry of 
today. 

Our cast of characters consists main- 
ly of alkali, the hero, and fat, the 
heroine. They are assisted by a sup- 
porting cast of alcohol and water. The 
action takes place in an evaporating 
dish and in a beaker. 

Act I 

Place 5 cc. of olive oil in a glass 
evaporating dish. In another con- 
tainer dissolve 2 grams of sodium hy- 
droxide in a solution of 5 cc. of water 
and 5 cc. of ethyl alcohol. Add this to 
the olive oil; stir thoroughly and apply 
gentle heat. It will be necessary to stir 
the solution occasionally during heat- 
ing. Do not heat too strongly. 

This reaction of an alkali and a fat 
is known as saponification. It can be 
compared somewhat analogously to 
inorganic reactions of bases and me- 
tallic salts to form a hydroxide and a 
salt. Here a fat and an alkali form 
glycerine and a soap. Most soaps are 
chemically sodium stearate, sodium 
palminate, sodium oleate, or a mixture 
of these salts depending on the type 
of fats used. 


Intermission 


The solution should be allowed to 
boil gently from 10 to 15 minutes or 
until all oily globules disappear. If 
necessary more alcohol and water so- 
lution may be added. 


Act II 


Fill a beaker half full of salt solu- 
ton. Remove the soap solution from 
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the flame and pour into the beaker. 
Stir rapidly. The soap will be precipi- 
tated (“salting-out”) and can be ob- 
tained by filtration. 


Although we have specified olive 
oil, any fatty oil can be used in mak- 
ing soap. Also lard or any fat may be 
used. Grandma used to make soap 
from the fat left over from Sunday 
roast. 


A good soap contains little or no 
free alkali. No doubt the crude soap 
prepared here will contain much free 
alkali, therefore would be harsh to 


the hands (“dishpan hands”). 


Dissolve a small piece of your soap 
in water and note the fine suds. Pre- 
pare a solution of magnesium sulfate 
and add to the soap solution. Unfor- 
tunately the magnesium salts of fatty 
oils are insoluble in water, thus mak- 
ing soap almost useless in “hard” 
waters. Note a white precipitate ap- 
pears as the suds disappear. 


Epilogue 


“Whee ..ce..ee that sparkle!” - - - 
“Ninety-nine and forty-four hun- 
dredths per cent pure. It floats!” - - - 
“happy little washday song!” - - - 
“- - = - does everything” - - - “the 
soap of beautiful women” - - - - “the 
fragrance men love” Soaps, 
soaps, soaps! All kinds, all sizes, all 
colors! But basically soap is still alkali 
and fat. Forcing air into soap will 
cause it to float. Adding perfume and 
color will form a variety of toilet 
soaps. Transparent soaps are formed 
by dissolving in alcohol and then 
removing the solvent. Shaving 
soaps contain rosin and glycerine to 
improve lathering and prevent fast 
drying. Scouring soaps contain some 














































































































































































































































































sand, sodium carbonate, and inert 
fillers. Cresol or other antiseptics are 
added to medicated soaps. Powdered 
soaps are prepared by mixing the 
soap ‘batch” with sodium silcate and 
sodium carbonate or similar com- 
pounds and with an emulsifying 
agent such as tetrasodium pyrophos- 
phate; which mixture is then spray- 
dried. Soaps made with potassium 
hydroxide are softer and more sol- 
uble and are used in the preparation 
of shaving cream and liquid soaps. 


Coming Attractions 

“Get the N-E-W B-L-U-E Cheer!” 
Have you heard that phrase before? 
It heralds the newest in the soap in- 
dustry - - - - synthetic detergents, or 
“soapless soaps.” (Others: Vel, Swerl, 
Drene, Tide, etc.). What are they? 


Primarily, sodium lauryl! sulfate, 
CHs3(CHe )19CH2NaSO,, formed 
from lauryl acid sulfate by treatment 
with sodium hydroxide. The acid sul- 
fate is obtained from lauryl alcohol 
and sulfuric acid. 

These compounds are excellent de- 
tergents. Their advantage over soap 
is the ability to lather well in cold 
and hot water and in hard and soft 
water. Prepare two equal portions of 
magnesium sulfate solution. Dissolve 
a small piece of ordinary soap in one 
portion and a small quantity of “Tide” 
in the other and compare the quantity 
of suds formed. 

Thus has man advanced himself 
several thousand years - - - from wood 
ashes to sodium lauryl sulfate! All so 
that you can have the “Whitest wash 
in town!” 


EXPERIMENT 39 


Plastics: 


“Where there is no vision, the people 
perish.” 
> No poust many chemists in the past 
during the course of their research, 
have mixed together the two common 
compounds, phenol and formalde- 
hyde. And no doubt they encountered 
the sticky, tacky mass formed by heat- 
ing the two chemicals, which rapidly 
hardened to a brittle mass that could 
neither be crystallized, dissolved, dis- 
tilled, nor analyzed. Disgusted, they 
attempted the difficult task of clean- 
ing their glassware and considered the 
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Bakelite 


experiment a failure. In the future 
they would carefully avoid the prep- 
aration of this troublesome resin. 

But one chemist repeated the ex- 
periment and did not throw the stuff 
away. Dr. Leo Hendrik Baekeland 
had vision; instead of discarding the 
substance, he paused and considered. 
(Incidentaly, to pause and consider 
occasionally is a commendable act 
which we highly recommend to all 
home chemists.) Why couldn’t it be 
put to some valuable use? Maybe it 
would serve as a plastic? 


Perhaps. 
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Preparation 

Bakelite is not too difficult to pre- 
pare in the home laboratory. Place 
3 grams of phenol (carbolic acid) in 
a small flask. Add 6 cc. of formalde- 
hyde (37%) and 10 drops of sodium 
hydroxide solution. Apply an even, 
moderate heat. The liquid will change 
to a red color and will gradually be- 
come more viscous. Continue heating 
until the mixture attains a thick, 
molasses-like consistency. Remove 
from the flame and quickly pour into 
a test tube, which will serve as a mold. 
If you wish you may use a crucible, 
watch glass, or similar container for 
this purpose. The liquid will gradu- 
ally harden to a thick, gummy mass. 

The next step is the process of 
baking, which forms the hard familiar 
type of bakelite. The baking requires 
prolonged heating at a temperature 
of 60 to 75 degrees C. At least three 
hours are required, preferably more. 
You may use your own ingenuity in 
carrying out this process. You can 
build an “oven” from a tin can and 
suspend the test tube in it, heating the 
can with a small flame; or you can 
use an electric light bulb to supply 
the heat. The important thing is to 
maintain a nearly constant tempera- 
ture for a long period of time. 

It may be necessary to break the 
tube in order to obtain the bakelite in 
a solid piece. The substance may be 
somewhat brittle, but in most respects 
will resemble the commercial product. 


Technicality 


What actually happens when phenol 
and formaldehyde are blended to- 
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gether? The resinous substance is 
formed by the process of polymeriza- 
tion, which refers to molecules com- 
bining with themselves to form a larg- 
er molecule, known as a polymer. 
Bakelite is a synthetic polymer. In this 
type of reaction, o and p-hydroxyben- 
zyl alcohols are formed, which mole- 
cules condense to form networks of 


molecules. To these molecules are 


linked the methylene radicals. This 
process continues, building larger and 
larger groups of molecules until the 
final resin is formed. The sodium hy- 
droxide acts as a catalyst. 


The chemical name for bakelite is 
oxybenzylmethyleneglycolanh y dride. 
It belongs to the group of plastics 
known as thermosetting resins. These 
resins, once molded, are permanently 
hard and cannot be re-molded. The 
thermoplastic resins, such as the cellu- 
lose derivatives and the newer vinyl 
plastics, can easily be re-molded under 
the influence of heat and pressure. 


Usefulness 

Thus from the observation of Baeke- 
land has grown the giant Bakelite In- 
dustry. It is widely used in the insul- 
ation of many electrical devices, in the 
manufacture of phonograph records, 
radio cabinets, telephone receivers and 
transmitters, push buttons, switch 
blocks, billiard balls, brush handles, 
combs, pens, pencils, and hundreds of 
similar articles. 

All from the sticky, gummy sub- 
stance which could neither be crystal- 
lized, dissolved, distilled, nor analyzed. 

But one chemist had vision. 

He did not throw the stuff away. 
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EXPERIMENT 40 


Ink 


> Many years ago, when I was a lad, 
my introducton to chemistry was 
brought about by the acquisition of a 
small chemical set. A thoughtful 
Santa Claus brought the outfit one 
joyful Christmas. With youthful en- 
thusiasm I leafed anxiously through 
the instruction book - - - “how to 
change wine into water” - - - “how 
to change water into milk” - - - 
“water to blood and blood to stone” 
- - -. But I was a little disappointed. 
This wasn’t real wine or real milk or 
real blood - - - only make believe. I 
wanted to make the genuine article. 
But, wait, what was this? “How to 
Manufacture Ink.” And rea/ ink! One 
measure of this and one measure of 
that in half a test tube of water. Shake 
with thumb over mouth of tube. 
Quickly, find a pen. And it works! 
The ink actually writes! I immediate- 
ly informed the family that they need 
no longer purchase ink - - - I would 
proudly supply the family’s needs! 
That was many years ago. 

Nowadays the manufacture of ink 
is a highly specialized industry. We 
have inks that write under water, 
washable inks, permanent inks, wet 
inks that write dry, dry inks that 
write wet, and hundreds of other 
types. The inks we describe here are 
not the modern specialized types. But, 
nevertheless they are of good quality 
and will serve well for all practical 
purposes. 


Blue Ink 


Prussian blue (ferric ferrocyanide) 
provides the coloring pigment for this 
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ink. Dissolve 1 gram of ferric am- 
monium sulfate in 10 cc. of water. 
Dissolve 2 grams of potassium or 
sodium ferrocyanide in 15 cc. of 
water. Mix the two solutions, filter 
and thoroughly wash the precipitate. 
Then add just enough oxalic acid 
solution to dissolve the precipitate 
forming a syrupy liquid. Finally, thin 
with water and your ink is ready for 
writing. 

A dilute solution of Prussian Blue 
in oxalic acid is also used as laundry 
bluing. 


Black Ink 


The color for our black ink is de- 
rived from the reaction of ferrous 
sulfate on nutgalls. Nutgalls are ob- 
tained from the twigs of various 
species of Quercus which grow in 
Asia Minor. Nutgalls are comprised 
chiefly of tannic acid, with a smaller 
percentage of gallic acid, ellagic acids 
and resin. 

Boil 7 grams of nutgalls in 30 cc. 
of water for at least one hour. Add 
water as necessary to replenish that 
lost by evaporation. Filter the solu- 
tion and while still hot, add 2 grams 
of ferrous sulfate and 1 gram of gum 
arabic. Heat again to dissolve all 
solids, and then filter once more. 


Red Ink 


The color here is obtained from the 
dried bodies of insects. Cochineal, 
Coccus Cacti, is found in Central 
America and Mexico. The dried fe- 
male insect with the young larvae is 
used. Chemically is consists of car- 
minic acid, coccerin, and fat. 
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Place 2 grams of cochineal in 20 cc. 
of water and heat to boiling, shaking 
occasionally. Then remove from the 
flame and allow to cool thoroughly, 
stirring frequently. When cold, add a 
solution of 2 cc. ammonium hydroxide 
in 6 cc. of water. Allow to stand over- 
night; then filter. 

Green Ink 

Dissolve 5 grams of copper acetate 
and 3 grams of potassium bitartrate 
in 20 cc. of water. Allow the solution 
to boil gently over a low flame for 
about 30 minutes. Then filter. If too 
thick, add a small quantity of water. 


Purple Ink 


We have used twig growths and 
dried insects; now we shall use wood 


chips. .Logwood or hematoxylon is 
the heartwood of a Central American 
tree of the senna family. It contains 
about 10% hematoxylon with some 
tannin and resin. 


Boil 3 grams of logwood in 12 ce. 
of water until the solution is colored 
deep red. Then add 3 grams of alum- 
inum sulfate. Boil again for about 10 
minutes and while still hot, add 1 
gram of gum arabic. Finally, filter the 
solution. 


Commercially, aniline dyes are re- 
placing the natural dyes in most inks. 
But, perhaps you will find it interest- 
ing to prepare the inks by the old- 
fashioned “natural” method, as I first 
did - - - many years ago. 


EXPERIMENT 41 


Alloys 


> Tue pictionary describes an alloy 
as “a substance composed of two or 
more metals fused together.” This 
seems to be a logical explanation, so 
we will accept it. 


With the exception of aluminum 
and copper, most metals are not used 
in the pure state. For scientists have 
found that by mixing metals together 
they can form many “new” metals, 
some with properties entirely different 
from the component metals. In this 
way soft metals can be hardened, 
brittle metals made tough, corrosion 
eliminated, melting points lowered 
or raised, etc. 


The various kinds of steel we find 
in everyday life are alloys of iron with 
nickel, manganese, tungsten, chrom- 
ium, vanadium, molybdenum, and 
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other metals. Brass usually contains 
30% zinc and 70% copper. Bronze is 
composed of 5% tin, 15% zinc, 75% 
copper, and a small quantity of lead. 
German silver is a mixture of copper, 
zinc, and silver. Gun-metal is a mix- 
ture of copper and tin. 

Our silver coins are alloys, contain- 
ing about 90% silver and 10% cop- 
per. Our nickels are only 25% nickel; 
the rest is copper. 


Solder 


We will have to confine our home 
experiments to metals with low melt- 
ing points, as we assume that not 
many home labs are equipped to melt 
such metals as iron, silver, copper, 
nickel, etc. Metals such as lead, tin, 
antimony and bismuth form many in- 
teresting alloys and an alcohol lamp 
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will supply sufficient heat to melt 
them. 

Perhaps the best known of the low- 
melting alloys is common solder. It 
is very easily made and consists of 
equal quantities of tin and lead. 


Place the metals in a crucible and 
apply sufficient heat to melt them. 
After they are entirely molten and 
thoroughly mixed, pour into a mold 
or any metal container. That’s all 
there is to it. You now have a gen- 
uine solder, and it can be used as such. 


Wood's Metal 


Wood’s Metal is an unusual alloy 
because of its extremely low melting 
point. It melts at 70 degrees C., which 
is below the boiling point of water! 


Mix together 4 grams of tin, 8 
grams of lead, 3 grams of cadmium, 
and 16 grams of bismuth. Melt in a 
crucible as before. 


Place a small quantity of Wood’s 
Metal in the bottom of a large test 
tube half filled with water. Heat. If 
you observe closely, you will see the 
metal melt before the water boils. 


Rose’s Metal 


Another low-melting alloy is Rose’s 
Metal, which melts at 94 degrees. You 
can prepare it by melting together 10 
parts of bismuth, 55 parts of lead, and 
5 parts of tin. 


These low-melting alloys are quite 
useful in such devices as electric fuses, 
automatic sprinkler systems, automa- 
tic fire alarms, safety plugs for boilers, 
etc. For example, you can appreciate 
the value of the alloy in a sprinkler 
system in case of fire. The heat of the 
flames will easily melt the alloy, there- 
by releasing large quantities of water 
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which, it is hoped, will extinguish the 
fire before serious damage occurs. 


Pewter 


Pewter consists of 8 parts tin and 2 
parts lead. Melt together as above. 


Type Metal 


Melt together 1 part of tin, 16 parts 
of lead, and 3 parts of antimony. 


Amalgams 


When metals are alloyed with mer- 
cury, an amalgam is formed. They 
are obtained more easily with the 
lighter metals. 


Sodium Amalgam: Place a small 
drop of mercury —no larger than a 
pea—in a mortar. Cut a still smaller 
piece of clean, dry sodium into very 
small particles. Add to the mercury 
and press the two elements together 
with the pestle. There may be minia- 
ture explosions as the elements unite, 
which are harmless if you use small 
quantities. 


Sodium amalgam is decomposed by 
water with the evolution of hydro- 
gen. 

Ammonium Amalgam: Add a little 
sodium amalgam to a warm saturated 
solution of ammonium chloride. The 
amalgam swells up and forms a por- 
ous mass which rapidly decomposes. 


Of course, the ammonium radical, 
NHy has never been isolated. The 
above experiment is quite interesting 
in that it upholds the theory that if 
ammonium could be isolated it would 
have the properties of a metal. Mer- 
cury is only miscible with metals. 

Aluminum Amalgam: Aluminum 
amalgam is formed by the action of 


sodium amalgam upon metallic alum- 
inum, 
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Our discussion of alloys must 
necessarily be limited. There are 
hundreds of others far too numerous 
to mention here. Each specialized 
mechanical or electronic device re- 


quires. metal parts which must exhibit 
special properties. Most of these pro- 
perties can only be obtained through 
the use of alloys, which are becoming 
more useful every day. 


EXPERIMENT 42 


Fascinating Phosphorus 


> Puospxorvs is one of the most in- 
teresting of all the elements. Its 
peculiar property of glowing in the 
dark places it in a special and rare 
category. For some unexplained 
reason, man has always been intrigued 
by any substance with phosphorescent 
properties. 

The history of phosphorus is no 
less interesting than the element it- 
self. It was first prepared in 1669 by 
a German alchemist, Hennig Brand. 
Brand, like every other alchemist of 
his day, was searching for the elusive 
philosopher’s stone. We can never tell 
you what gave him the idea that this 
magic stone would be found in human 
urine, but, nevertheless, he carried on 
a series of elaborate experiments with 
urine. 
he obtained a yellowish waxy sub- 
stance by distilling a residue from the 
urine. We can imagine how thrilled 
he must have been when he noticed 
that this strange substance glowed in 


the dark! 


Brand kept the details of the prepa- 
ration of this strange substance secret, 
but the news soon leaked out. He 
then sold his formula to other chem- 
ists, who also made the element in 


secret. It was not until 1737 that the 
method of isolating phosphorus was 
made known to the world in general. 
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After much experimentation, 


It was soon discovered that the ele- 
ment could be obtained from bones, 
and the unpleasant method of obtain- 
ing it from urine could be abandoned. 
It is truly remarkable that Brand 
could prepare phosphorus with the 
very limited equipment and knowl- 
edge then available. Even today with 
all of our modern equipment, phos- 
phorus is not isolated with ease. 


Words of Caution: 


We do not recommend these ex- 
periments for the careless or the inex- 
perienced. Phosphorous may be fasci- 
nating, but it is also intensely poison- 
ous. It should never be allowed to 
touch the skin, as it causes painful 
burns which are extremely difficult to 
heal. Always handle with forceps and 
keep it under water when not in use. 
Do not inhale its vapors. You will 
note that phosphorus has a garlic-like 
odor. But do not “note” too strongly 
—these fumes are poisonous too. 


Yellow Phosphorus 


Phosphorus occurs in three allo- 
tropic forms: yellow, violet, and black. 
However, the two most common 
forms are yellow and red. There is a 
difference of opinion as to whether 
the red form is a separate allotropic 
modification. One of the latest theories 
is that red phosphorus is phosphorus 
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only partially changed from the yel- 
low to the violet form. 


The phosphorus obtained by the 
reduction of phosphates is always the 
yellow variety. This is “regular” phos- 
phorus and the other allotropic forms 
are prepared from it. 


Place a piece of yellow phosphorus 
the size of a pea in a flask half filled 
with water. Apply gentle heat. The 
phosphorus quickly melts under the 
warm water. Now stopper the flask; 
shake, and cool under running water. 
The phosphorus separates into many 
small globules. You will find these 
small balls handy for experimenting. 


Phosphorus combines readily with 
oxygen and ignites in the air at 30 
degrees. Take a small piece and dry 
carefully with filter paper. Note the 
white fumes as the element starts to 
react. Place in a metal dish and heat 
very gently. Almost immediately it 
will ignite and burn with a bright 
yellow flame accompanied by dense 
white smoke (PsOg and P4sO,0). 


Spontaneous Combustion 


Phosphorus is very soluble in car- 
bon disulfide. Dissolve a piece about 
the size of a rice grain in 3 cc. of car- 
bon disulfide. Dip a piece of filter 
paper in this solution (with forceps), 
and hold it suspended in the air. 
Nothing happens at first. But, wait. 
Suddenly the paper ignites with a 
flash of greenish flame. The filter 
paper is not consumed, but only par- 
tially charred. 


If you want to write your initials 


in flames, you can do so by painting 
them on a large piece of filter paper 
with the phosphorus solution. Use a 
small paint brush for this purpose. 


§2 


Again hold the paper in mid air with 
forceps. Suddenly the outline of your 
initials will burst into flame. 


And It Glows in the Dark! 


Perhaps you would prefer your 
initials in luminous characters instead 
of flames. If so, paint your initials 
with the phosphorus solution as be- 
fore, but on a white card instead of 
filter paper. Place the card in total 
blackness and observe the luminous 
writing. 

Be very careful with the phosphorus 
solution, as it is highly flammable. 
Dispose of it immediately after ex- 
perimenting either by burning it or 
washing it down the drain with large 
quantities of water. 

Place a small piece of phosphorus 
in a flask and cover with water. At- 
tach a one-hole stopper containing a 
small glass tube extending about 3 
inches above the flask. Boil the water 
in a dark room. If the room is dark 
enough, you will be able to observe 
the rather eerie effect of luminous 
steam. 


Red Phosphorus 


Red phosphorus is so unlike yellow 
phosphorus, it is difficult to realize 
both forms are the same element. The 
red type is an amorphous powder. It 
will not ignite spontaneously. It will 
not dissolve in carbon disulfide. It 
will not glow in the dark. It has no 
odor and is not poisonous. It ignites 
only when heated to about 240 de- 
grees. You can prove this if you wish 
by placing some of the powder in a 
metal pan and heating. Compare the 
amount of heat you must apply with 
that applied to yellow phosphorus in 
order to ignite the powder. 
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Red phosphorus is prepared by 
heating yellow phosphorus in the 
absence of air. The action may be 
catalyzed by a trace of iodine. 


Violet phosphorus is prepared by 
dissolving phosphorus in molten lead 
and then allowing it to separate by 
crystallization. 

Black phosphorus is made by sub- 
jecting yellow or red phosphorus to 
4000 atmospheres of pressure at a high 
temperature. 

The yellow phosphorus can be pre- 
pared from any other form by distil- 


lation. When heated strongly enough, 
all forms of phosphorus vaporize and 
this vapor always condenses to form 
the yellow variety. 

We suggest that you do not attempt 
to prepare the various allotropic modi- 
fications of phosphorus. These reac- 
tions are a little too dangerous for the 
home laboratory. 

When you are through experiment- 
ing, be doubly sure that you have 
thoroughly disposed of all phosphorus 
particles or solutions. Ignite any stray 
particles and thoroughly wash all 
equipment. 
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INDEX 


Acetanilide Cellulose cement 

Acetate test for alcohol Cellulose xanthate 

Acetylation Cement from casein 

Air, composition of Cherries, dye from 

Albumin in milk Chloroform 

Alcohol Chromium 
Cinnamon, odor of 

Almonds, odor of Clothing 

Alnico magnet Cobalt 

Amalgam 

Ammonia fountain 

Amphoteric element (antimony) 

Anesthesia Coins 

Aniline 35, Collodion 

Antifebrin (acetanilide) 3 Copper 

Antimony i Corn, starch from 

Apples, odor of { Corn syrup 

Apple tree bark, dye from 

Artificial wool from casein Cupraloy 

Aspirin Cuprammonium process 

Atom Curcuma longa 


Bacteria, nitrogen-fixing 
Baekeland, Dr. Leo Dacron 
Bakelite Davy, Sir Humphry 
Bananas, odor of ‘ de Elhuyar, Fausto 
Barley sugar a de Elhuyar, Juan José 
Beets, dye from .. Detergents 
Bell metal Dextrin 
Benedict's Solution 3, Dextrose 
Blueberries, dye from Diastase 
Boric acid, green flame test Diazonium coupling 
Brand, Hennig Dimethyl glyoxime 
Disaccharides 
Britannia metal 
Bronze ' 
Butter of antimony .. Elderberries, dye from 
Butterfat . Electromotive series 
Electron 
Enzymes 
Cabbage, dye from Etching glass 
Caffeine 
“Canned heat” 
Capric acid 


Caproic acid Fatty acids in milk 


Caprylic acid Fehling’s Solution 
Carbon dioxide b Fermentation 
Casein Fibrin 

Flavorings 


Cellobiose Fluorine 


Cellophane 
Celluloid 
Cellulose 
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Gay-Lussac, Louis Joseph 
Gentiobiose 

German silver 
Glucose 

Glucose from starch 
Glycogen 

Gold 

Goldenrod, dye from 
Gore, George 

Grape sugar 
Guncotton 

Gun metal 


Hard water 

Hematoxylon 

Hemicellulose 

Horse-chestnut bark, dye from 
Hunter, M. A. 

Hydrofluoric acid 

Hydrogen 

Hydrogen peroxide 


Indigo 

Ink 

Inulin ... 

Invertase 

Iodine 

“Iodine clock” 
Iodine test for starch 
Iodoform 


Klaproth, Martin Heinrich 
Knox, George 
Knox, Rev. Thomas 
Laboratory, home 
Lactalbumin 
Lactoglobulin 
Lactose 

Laurie acid 

Lauryl alcohol 
Lecithin 
Leuco-base for dyes 


Logwood 

Louyet, Paulin 
Lucite 

Luminous writing 


Magnesium 

Magnetism 

Malachite green 
Maltose 

Manganese 

Mauve 

McGregor, Rev. William 
Melibiose 

Mercury 
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Methyl orange 
Methyl] salicylate 


Moissan, Henri 
Molar solution 
Molybdenum 
Monosaccharides 
Moore’s test for glucose 
Mordant dyeing 
Morton, Dr. William 
Murexide reaction 
Myristic acid 
Myrobalan 

Neutron 


Nickel 

Nicklés, Jérome 
Nitrocellulose process 
Nitrogen 

Novocaine 

Nucleus 

Nutgalls 


Oak bark, dye from 

Oleic acid 

Olive oil 

Onion skins, dye from 

Organic fluoro compounds ... 
Orlon 

Osage orange wood, dye from . 
Oxidation 

Oxidation test for alcohol .. 


Paint from casein 
Palmitic acid 

Pears, odor of 

Perkin, Sir William Henry 
Pewter 

Phospholipids 
Phosphorus 
Pineapples, odor of 
Plastics 

Plexiglas 

Polyethylene 

Polymer 
Polysaccharides 
Potassium iodate 
Procaine hydrochloride 
Priteins in milk 
Proton 

Prussian blue 

Purple of Cassius 
Pyroxylin 


Raffinose 
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Resins 
Rose’s metal 
Runge, Friedlieb Ferdinand 


Salicylic acid 


“Salting out” 
Saponification éussen'e 
Scheele, Carl Wilhelm .. 
Schweitzer’s reagent 
Selenium 


“Silver” penny 
Smoke screen 
“Snowstorm” 
Soap 


Sodium bisulfite for dye stains ....... q 
Sodium thiosulfate for iodine stains . 


Solder 

Speed of a chemical reaction 
Starch 

Stearic acid 

Stibnite 

Strawberries, odor of 
Sublimation 

Sucrose 

Sugar 

Sulfur dyes 

Sumac, dye from 
Supersaturated solution 
Sympathetic ink 
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Tannic acid, test for 
Tannin 

Tantalum 

Tartar emetic er 
Thenard, Louis Jacques . 
Theobromine 
Theophylline 
Thermoplastic resins 
Thermosetting resins . 
Titanium 

Trisaccharides 

Tungsten 

Tungsten, blue oxides of . 
Turmeric, dye from 
Type metal .. 


Unverdorben, Otto 


Valentine, Basil 
Vanadium 
Vinylite 

Viscose 


Water ..... 
Weather indicator 
Wells, Horace 
Wintergreen 
Wolfram 

Wood's metal 


Zymase 





